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Abstract 
This thesis presents work on the development of a mechanistic understanding of 
the effect of ionizing radiation on the aqueous corrosion kinetics of carbon steel.  
Exposed to ionizing radiation, water decomposes into a range of oxidizing (O2, •OH, 
HO2•, H2O2) to reducing (•eaq
–
, •O2
–
, •H) species.  The production of the redox active 
species by radiolysis can have a significant effect on the corrosion behaviour of a metal.  
Of particular interest is the effect of radiolysis on corrosion when the solution 
environment, such as temperature, pH, and concentrations of chemical additives, changes 
over time.  Since these solution parameters also affect the radiolysis behaviour, it was 
important to develop a clear understanding of separate effects of these parameters.   
To achieve a better understanding, a number of electrochemical and surface 
analytical techniques were employed.  The combination of electrochemical and surface 
analyses provided a picture of oxidation that largely resulted in the formation of a 
magnetite oxide layer, but the further oxidation, dissolution, and reactivity of the oxide 
was sensitive to all parameters studied.  The production of water radiolysis products via 
gamma irradiation was seen to have a net oxidizing effect on the growing oxide film, 
increasing the oxide film resistance.  At all temperatures studied, irradiation did not result 
in significant oxide structural changes or oxide film breakdown events. 
 
Keywords: 
carbon steel, iron oxides, film conversion, oxide dissolution, interfacial reactions, 
electrochemical reactions, water radiolysis 
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Chapter 1 
Introduction 
 
1.1 THESIS OBJECTIVES AND METHODS 
 The main goal of this thesis research was to develop a mechanistic understanding 
of the effect of ionizing radiation on the aqueous corrosion kinetics of carbon steel.  
Exposed to ionizing radiation, water decomposes into a range of oxidizing (O2, •OH, 
HO2•, H2O2) to reducing (•eaq
–
, •O2
–
, •H) species.  The aqueous corrosion of a metal or 
alloy involves metal oxidation coupled with the reduction of aqueous species, including 
water.  Thus, corrosion kinetics depend on the aqueous redox environment as well as 
metallurgical properties of carbon steel.  The production of the redox active species by 
radiolysis can have a significant effect on the corrosion behaviour of a metal.  While a 
range of individual studies have been performed on the effects of radiation on steel 
corrosion (reviewed in this chapter), they often lack a complete understanding of 
changing oxide film properties with the changing solution environment.  Of particular 
interest is the effect of radiolysis on corrosion when the solution environment, such as 
temperature, pH, and concentrations of chemical additives, changes.  Since these solution 
parameters also affect the radiolysis behaviour, it is important to develop a clear 
understanding of the separate effects of these parameters.  
 To achieve the objectives, a number of electrochemical and surface analytical 
techniques were employed, which are further described in Chapter 2.  The experimental 
parameters studied, which are separated into individual chapters include: 
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 The effect of temperature on the oxide growth on carbon steel was examined.  
Studies were limited to ambient pressure and temperatures  80 °C.  Both 
electrochemical and surface analyses were performed. 
 The change in the corrosion potential of carbon steel when subjected to gamma 
irradiation at room temperature was examined.  The oxides that formed were 
studied both electrochemically and using surface analysis.  Further experiments 
on the role of the aqueous environment were performed with the use of chemical 
additives to simulate the effects of gamma irradiation. 
 The effect of changing solution parameters on the corrosion of carbon steel at 
80 °C and 150 °C was examined.  Analysis focused on the effect of pH on iron 
dissolution, and on the effect of electrolyte concentration.  A range of surface 
analytical techniques were employed to characterize the oxide films. 
 The effects of gamma irradiation on the mechanism of carbon steel corrosion at 
80 °C and 150 °C were studied.  A range of surface analytical techniques were 
employed to characterize the oxide films. 
 The effects of dissolved ferrous ions on the mechanism of carbon steel corrosion 
at room temperature using electrochemical techniques were studied.  A range of 
surface analytical techniques were employed to characterize the oxide films. 
 The effect of temperature on the oxide growth on carbon steel at temperatures 
 100 °C was examined.  Electrochemical analysis was performed in pressurized 
environments.  Additional analysis was performed with the use of a high-
temperature pressurized flow system. 
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1.2 MATERIALS BACKGROUND 
1.2.1 Carbon Steel 
Carbon steel, also known as plain steel or mild steel, is an iron-based alloy 
containing small amounts of impurities such as Si, Mn, P and S [1].  As suggested in the 
name, carbon is the important secondary component of this alloy.  Carbon molecules fit 
into interstitial sites within the body-centered cubic structure of crystalline iron [2].  This 
makes the material harder and inhibits dislocation movement, thereby increasing the 
strength of the alloy.  Depending on its carbon content, steel is classified into three major 
categories:  low-carbon steel (> 0.25 wt.% C), medium-carbon steel (between 0.25 and 
0.6 wt.% C), and high-carbon steel (between 0.6 and 1.4 wt.% C) [1].  Low-carbon steels 
are produced in the greatest quantities and are commonly used for pipes, tubing, and 
casings [2].  Low-carbon steels are comparatively soft and weak, but they possess high 
ductility and toughness.  Also, they are readily machinable and weldable, and the least 
expensive carbon steel to produce, since purity is a less rigorous requirement than it is for 
other carbon steels [1].  Medium-carbon steels are stronger than the low-carbon steels, 
but their ductility is lower [1].  High-carbon steels are the hardest, strongest, and least 
ductile of the carbon steels [1].  They are usually used in a hardened and tempered 
condition, are wear resistant, and can hold a sharp cutting edge [2].  The carbon steel 
used in this study, A516 Gr70, is a low-carbon steel with a carbon content of 0.23 %.  
Figure 1.1 shows the composition of carbon up to 6.70 wt% C, which corresponds to the 
formation of iron carbide, or cementite (Fe3C).  When slowly cooled, the microstructure 
of iron-carbon alloys consists of two phases:  iron and Fe3C, where  iron is the body-
centered cubic structure of iron, also called ferrite.  The two phases form simultaneously 
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during the transformation and are referred to as pearlite.  Mechanically, pearlite has 
properties intermediate between the soft, ductile ferrite and hard, brittle cementite 
because carbon atoms diffuse away from the 0.02 wt% ferrite regions and to the 6.7 wt% 
cementite layers, as the pearlite extends [3]. 
 
 
Figure 1.1: The iron-iron carbide phase diagram [3]. 
 
While having advantageous material properties, carbon steel does have limited 
corrosion resistance.  In instances where higher corrosion resistance is required, 
chromium is added as an alloying element  The resulting steel is referred to as stainless 
steel if the chromium content is above 11% [2].  Some of the literature reviewed in this 
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Chapter covers stainless steel.  When the single term “steel” is used in the thesis it is in 
reference to both carbon steels and stainless steels.   
 
1.2.2 Carbon Steel Corrosion 
Corrosion is an important mechanism for carbon steel degradation and it 
frequently limits the possible applications and the useful lifetimes of carbon steel 
components.  The mechanism of corrosion can vary greatly, but in general terms involves 
the oxidation of the metal [4].  Since carbon steel is largely composed of iron, corrosion 
is associated with the oxidation of that iron.  The driving force for corrosion is the 
difference in the electrochemical potentials of the two reacting phases.  When a bulk 
metal comes in contact with water having a different chemical potential than the metal 
phase, the two phases change their chemical states to reduce the inequality in 
electrochemical potential to reach equilibrium.  This can be accomplished typically by 
the oxidation of the metal and reduction of aqueous species.  The metal oxidation can be 
envisioned as, 
M    Mn+ + ne–              (1.1) 
where M represents the solid metal, M
n+
 represents the oxidized metal species, and n is 
the number of electrons transferred.  The reduction, involving an aqueous species such as 
water or dissolved oxygen, is illustrated by the reaction: 
 Ox + ne
–
    Red            (1.2) 
where Ox represents the soluble oxidant and Red the reduced form of the oxidant.   
The rate of the oxidation (anodic) reaction and the reduction (cathodic) reaction 
must be equal in terms of the number of electrons in order to satisfy the Law of 
6 
Conservation of Charge [5].  Since charge can move, typically electrons in the metal 
phase and ions in the water phase, the metal oxidation and the aqueous reduction do not 
necessarily have to occur at the same atomic sites.  The result is a current flow.  The 
potential difference developed at the reacting atomic sites are: 
 ϕa = ϕM,a – ϕS,a          (1.3a) 
 ϕc = ϕM,c – ϕS,c          (1.3b) 
where ϕa and ϕc are the electrical potential differences between the metal and solution 
at the anodic and cathodic sites respectively and the subscripts a and c represent the 
anodic and cathodic sites and M and S represent the metal and solution phases [6].  The 
driving potential for the current in solution, ϕS, (or in general, rate of corrosion), is: 
 ϕS = ϕc –ϕa            (1.4) 
In practice, the differences in potential at interfaces, ϕ, are given values relative 
to a standard reference and the potentials are designated by E [6].  Further development 
of the fundamental equations and experimental techniques are discussed in Chapter 2. 
Once formed, the oxidized metal, M
n+
, can dissolve into the aqueous phase or 
combine with an oxygen or hydroxide ion to form an oxide/hydroxide layer.  The extent 
of dissolution is highly dependent on the environment.  For example, the hydrolyzed 
ferrous and ferric species are in an acid-base equilibrium and their relative solubility is 
highly pH dependent [7], Figure 1.2. 
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Figure 1.2: Solubility of hydrolyzed Fe
II
 and Fe
III
 as a function of pH at 25 °C. 
 
 
 
If the solubility is not sufficiently high, an insoluble product (an oxide film) may 
be produced, slowing down the corrosion process and protecting, or passivating, the 
underlying metal.  A metal is described as being passivated if it possesses a protective 
film that resists corrosion despite being in an environment where there is thermodynamic 
tendency to react [8].  The reason an oxide film can make a metal passive is because it 
slows the movement of cations from the base metal, through the oxide film, to the 
oxide/solution interface.  This makes the loss of metal slow, or even negligible.  To 
maintain the passivity, the oxide film itself must have low solubility.  An extreme 
example of the benefits of passivation is the iron pillar of Delhi.  It is composed of 98 % 
iron, yet it has withstood corrosion for 1600 years due to the formation of a passive oxide 
layer [9]. 
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 Thermodynamically, under most conditions, the most stable iron species in an 
iron and water system are iron oxides and oxyhydroxides.  One of the most common 
ways to represent the thermodynamic stabilities of the different possible species is 
through a Pourbaix diagram.  A Pourbaix diagram is a potential-pH diagram that shows 
the regions of potential and pH within which a particular species is the most 
thermodynamically stable.  The diagram can be generated from the Nernst equations of 
the metal oxides [10].  The Nernst equation is derived in Chapter 2.  A Pourbaix diagram 
for the Fe-H2O system at 25 °C is presented in Figure 1.3 [10, 11]. 
 
Figure 1.3: Pourbaix diagram of the Fe-H2O system at 25 °C with all ions at an activity 
of 10
–6
 M.  The area between the dashed lines is the region of water stability.  Below the 
bottom dashed line water will be reduced to hydrogen and above the top dashed line 
water will be oxidized to oxygen.  The potential scale is the standard hydrogen electrode 
(SHE) scale (see Chapter 2).  This Pourbaix diagram assumes certain solid species to be 
present and much more complex diagrams can be generated with additional species [11]. 
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It can be seen from Figure 1.3 that if the system started at pH 10 and a potential of 
–1.0 VSHE and the potential was increased, iron that was initially present would could be 
oxidized in the order Fe → Fe(OH)2 → Fe3O4 → Fe2O3.  At a lower pH, for example pH 
6, the oxidation can follow Fe → Fe2+ → Fe2O3.  Since the diagrams do not include any 
kinetic information, equilibrium is assumed to be instantaneously achieved at all times.  
The oxide thermodynamics and stoichiometries in the Pourbaix diagram are based on 
bulk oxides as well.  Any deviations in thermodynamic properties associated with 
extremely thin (nanometer thick) oxides are not considered [12].  Because Pourbaix 
diagrams do not include kinetic information, they only provide an indication of the 
driving direction for a system.  Iron (or carbon steel) placed in an environment 
represented by any point in the potential-pH diagram will have a tendency to form the 
dominant oxide indicated, but a metastable oxide, or complex layered structure may 
actually be present due to restrictions on electrochemical reaction rates.  It is an 
understanding of the metastable oxide structures and those restrictions that is an objective 
of this thesis.  Although there is a general understanding that the passivity of carbon steel 
is associated with the formation of protective oxide layers, there is still not 
comprehensive understanding of the nature, composition, structure, and formation 
mechanism of many passive films. 
 
1.2.2.1 Iron Oxides 
 A brief overview of some of the properties of oxides and oxyhydroxides is 
provided below.  The oxides and oxyhydroxides reviewed are those that are most 
10 
commonly formed on carbon steel and these are the species that are observed in the 
experiments detailed in later chapters.  
 
1.2.2.1.1 Magnetite (Fe3O4) 
Magnetite is a black oxide that has an inverse spinel structure.  The entire spinel 
unit cell can be thought of as cubic close-packed array of oxygen ions with cations in the 
octahedral and tetrahedral interstices, Figure 1.4 [13].  The unit cell contains 32 O
2-
 
anions, providing 16 octahedral sites and 8 tetrahedral sites for Fe cations.  The 
tetrahedral sites are located at the corners, face centres, and quadrant centres in one-half 
of the quadrants.  The octahedral sites are located in the other half of the quadrants, 
immediately above or below the oxide anions.  For a general spinel structure (B2
III
A
II
O4), 
B
III
 occupy octahedral sites and A
II
 occupy tetrahedral sites.  In an inverse spinel, such as 
magnetite, both A
II
 and ½ of the B
III
 occupy octahedral sites and ½ of the B
III
 occupy 
tetrahedral sites.  In magnetite, the 8 tetrahedral sites and 8 of the octahedral sites are 
occupied by Fe
III
 ions, while the remaining 8 octahedral sites are occupied by Fe
II
 ions 
resulting a formula Fe8
II
Fe16
III
O32 or Fe3O4 [14].  Magnetite has a band gap of 0.1 eV and 
is electronically conductive [13]. 
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Figure 1.4: Structure of magnetite: (a) Polyhedral model with alternating octahedral and 
tetrahedra-octahedra layers, (b) ball and stick model with the unit cell outlined, and (c) 
ball and stick model of the octahedra and tetrahedra arrangement. 
 
 
1.2.2.1.2 Maghemite (-Fe2O3) 
Maghemite is another inverse spinel and it has the same structure as magnetite 
[13].  Maghemite consists of 8 tetrahedral cation sites that are fully occupied and 16 
octahedral cation sites that are only fractionally occupied with, on average, 13.33 Fe
III
 per 
unit cell.  The total formula for one unit cell is (Fe 
   )
tetra
(Fe   ⁄
        ⁄ )oct
O   where VM 
represents a vacancy, hence giving an overall stoichiometry of Fe2O3.  Maghemite can be 
considered as an Fe
II
 deficient magnetite, or magnetite can be considered as maghemite 
doped with Fe
II
 [15].  As a result, the conversion between magnetite and maghemite can 
be very facile.  Maghemite has a band gap of 2.03 eV [13]. 
 
1.2.2.1.3 Hematite (ɑ-Fe2O3) 
 Hematite is a red oxide that has a corundum crystal structure [13].  Hematite 
consists of hexagonal close-packed arrays of stacked oxygen ions, with two thirds of the 
octahedral sites filled with Fe
III
 cations.  There are some structural similarities between 
certain planes in the hematite structure and the structures of other iron oxides.  
a b c
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Specifically, structural similarities between the (001) plane of hematite and the (111) 
plane of magnetite allow for preferred nucleation and growth of magnetite on the (001) 
plane of hematite.  However, due to a differing crystal structure, the conversion between 
magnetite and hematite may not be as facile as the conversion between magnetite and 
maghemite.  Hematite has a band gap of 2.2 eV [13]. 
 
 
Figure 1.5: Structure of hematite: (a) hexagonal close packing of oxygen with cations in 
the octahedral interstices, (b) ball and stick model with the unit cell outlined, and (c) ball 
and stick model of the O3-Fe-O3-Fe-O3 triplets. 
 
 
 
1.2.2.1.4 Goethite (-FeOOH) 
Goethite is an oxyhydroxide with an orthorhombic unit cell [13].  All ferric ion 
oxyhydroxides can be regarded as FeO(OH), but they have different structures and are 
given different Greek prefixes.  The structure of Goethite consists of a hexagonal close-
packed array of anions (O
2–
/OH
–
), with Fe
III
 ions occupying half of the octahedral 
interstitial sites.  Each Fe
III
 is surrounded by three O
2–
 and three OH
–
 to give an 
FeO3(OH)3 octahedron.  The chains of octahedrons are further supported by hydrogen 
a b c
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bonds joining across the empty cation sites in the structure.  Goethite has a band gap of 
2.10 eV [13]. 
 
 
Figure 1.6: Structure of goethite: (a) Hexagonal close packed anion arrangement, (b) ball 
and stick model with the unit cell outlined, and (c) projection of the atomic structure on a 
single plane. 
 
 
1.2.2.1.5 Lepidocrocite (-FeOOH)
-FeOOH is an oxyhydroxide with an orthorhombic unit cell [16].  There are 8 
oxide anions in 8 octahedral sites in each unit cell which consists cubic close-packed 
anions (O
2–
/OH
–
) stacked with Fe
III
 ions occupying the octahedral interstices, i.e., 4 of the 
8 octahedral sites are occupied by Fe
III
 cations.  The cations form an octahedral 
arrangement in corrugated layers.  The layers are held together by hydrogen bonding via 
hydroxide sites.  Lepidocrocite has a band gap of 2.06 eV [13]. 
 
 
a b c
14 
 
Figure 1.7: Structure of lepidocrocite: (a) Arrangement of octahedral double chains in 
corrugated layers, with H-bonds between the layers, (b) ball and stick model with the unit 
cell outlined, and (c) projection of the atomic structure on a single plane. 
 
1.2.2.1.6 Feroxyhyte (-FeOOH)
-FeOOH is an oxyhydroxide with an array of anions (O
2–
/OH
–
) in a hexagonal 
close packed array and Fe
III
 ions distributed over half of the octahedral sites.  The 
structure is composed of sheets of edge sharing octahedral.  Feroxyhyte has a band gap of 
1.94 eV [13]. 
 
Figure 1.8: Structure of feroxyhyte: (a) Arrangement of octahedral layers and (b) 
projection of the atomic structure on a single plane. 
 
 
1.2.2.1.6 Green Rusts 
 Green rusts are bluish-green Fe
II
-Fe
III
 hydroxy compounds that can be formed 
under anoxic conditions in soil and during the corrosion of steel.  Their structures are 
composed of sheets of hexagonally close-packed Fe
II
(OH)6 octahedra in which some of 
a b c
a b
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the Fe
II
 are replaced by Fe
III
, giving Fe
II
/Fe
III
 ratios ranging between 0.8 and 3.6 [13].  
The substituted Fe
III
 creates a positive layer of charge, which is balanced by anions 
located between the sheets of octahedra.  Depending on the soil or corrosion 
environment, the substituted anions may include Cl
–
, CO3
2–
, NO3
–
, or SO4
2–
.  If none of 
those anions are present, the substituted anion may simply be OH
–
, giving compositions 
between Fe2
II
Fe
III
(OH)7 and Fe
II
Fe2
III
(OH)8 [13].  This has been observed to form on 
magnetite surfaces [17]. 
 
1.2.2.2 Review of Iron Oxide Formation 
 The corrosion of iron alloys, or more generally, iron, has been studied for 
centuries, with famous scientists of the 19
th
 century, including Faraday and Schöenbein, 
conducting early studies on the electrochemical properties and passivity of iron [18, 19].  
With the advancement of both in-situ and ex-situ surface analysis techniques, the 
oxidation of iron in water has been studied extensively [14, 15, 17, 20-77] and, therefore, 
only a brief summary is possible here.  Research has been performed at both acidic 
conditions (< pH 2) [20-25, 76] and high basicity (> pH 12) [20, 23, 26-31, 77], but most 
extensive research has been performed at a mildly basic pH of 8.4 [14, 17, 22, 23, 28, 29, 
32-75]. 
 One of the earliest studies of the structure of the oxide film forming on iron was 
conducted by Nagayama and Cohen in 1962 [32].  Through transmission electron 
microscopy analysis they were able to determine that the film that formed on iron in a 
borate buffer solution at pH 8.4 was a dual layer, with an inner magnetite layer and an 
outer maghemite layer [32].  A similar dual layer structure was found by Ord and DeSmet 
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in 1966 through the use of ellipsometry [33].  More recently, opinion has moved away 
from the existence of a dual layer and most research has suggested that the oxide can be 
treated as a single homogenous mixture [14].  A series of electrochemical studies have 
characterized the passive layer as a depleted or enriched oxide structure.  This can be 
envisioned as either magnetite depleted in Fe
II
 or maghemite enriched in Fe
II
 [15, 39, 40].  
Using electrochemical analysis and in-situ X-ray absorption, Oblonsky et al. 
characterized the oxide film as a single layer, mixed spinel with an Fe
II
/Fe
III
 ratio that 
decreases as the potential increases [47].  In other words, as the potential increases the 
oxide goes from being more “magnetite-like” to being more “maghemite-like”.  
Additional X-ray absorption studies by Long et al. have characterized the oxide layer as 
an unidentifiable phase that does not correspond to any particular iron oxide and which 
resides between a magnetite and maghemite structure [69, 70].  In 2000, Davenport et al. 
completed a thorough review of the results of their own research and that of others.  They 
concluded  that the oxide film growing on iron was a unique phase in between magnetite 
and maghemite [14]. 
 While the dual layer model of magnetite and maghemite in the corrosion film has 
been largely dispelled, a layered oxide can still be seen in corrosion films.  This consists 
of an inner layer of a mixed spinel (as described above) and the outer of a mixed ferric 
oxide and hydroxide that is more “maghemite-like” [56].  Whether the second component 
of the oxide film is seen or not highly depends on how the oxide film is grown.  If the 
film is grown at a constant potential (a constant oxidizing condition), a single 
homogenous film is seen.  If the film is grown while the potential is changing, a multi-
layered and multi-component film is seen [56].  Under these conditions, using in-situ 
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vibrational spectra analysis, Gui and Devine characterized the layers as an inner spinel 
and an outer layer with characteristics similar to green rust and containing a mixed 
valence oxide/hydroxide [50].  For these types of films, it has been shown that hydroxyl 
anions are only incorporated into the outer layer and not incorporated into the inner spinel 
layer [42]. 
 Some of the variations in the experimental results may be due to discrepancies 
that may have arisen from in-situ versus ex-situ film analysis.  There are conflicting 
reports on whether ex-situ, dried passive iron films do [36] or do not [44] undergo 
structural changes.  As well, distinguishing between different spinel phases with many 
characterization techniques is still difficult.  For example, magnetite, maghemite, or a 
mixed homogenous phase of both species, all have similar spinel oxygen packing.  
Raman spectroscopy is commonly used to identify the oxides that are present and a 
number of the active Raman vibrational modes of spinel oxides involve only oxygen ions.  
The structural similarities make the use of those Raman modes inconclusive in 
distinguishing between the oxides that may be present [17]. 
 When conditions are moved away from pH 8.4 buffered solutions, more oxides 
are seen in the thin films.  Generally, however, the oxide remains largely composed of a 
magnetite-like spinel phase over a wide range of pHs and elevated temperatures.  
Hugot-Le Goff et al. performed electrochemical analysis and Raman spectroscopy of 
films grown in solutions of both 1 M H2SO4 [76] and 1 M NaOH [77].  They found that 
the oxide remained largely composed of magnetite in both cases.  However, in films 
grown in acidic solutions, some conversion of magnetite to hematite was seen, and in 
basic solutions, the formation of iron hydroxides and oxyhydroxides on the outer film 
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layer was seen [76, 77].  As well, after prolonged periods of oxidation at high potentials 
in NaOH, maghemite began to form [77].  It was unclear as to whether the maghemite 
was arising from a conversion of the base magnetite layer to a more maghemite-like layer 
or whether the oxyhydroxides were undergoing a dehydration and structural change to 
form maghemite [77].  The formation of oxyhydroxide layers at high basicity (> pH 12) 
has commonly been observed [27, 30].  It has been shown that the conversion of 
magnetite to iron oxyhydroxide phases increases as pH increases [30] and that the 
intermediate phase may be a type of green rust [27]. 
 Hematite is most commonly observed in corrosion films formed at elevated 
temperatures, especially in the presence of dissolved oxygen [31, 73-75].  The amount of 
magnetite that is oxidized to hematite is highly sensitive to the concentration of oxygen in 
the water and heating time, with the oxidation rate increasing with increasing oxygen 
concentration [75].  Due to the large difference in crystal structure between the two 
oxides, layering is clearly observed with an inner magnetite layer and an outer hematite 
layer [75].  Studying stainless steel alloys with a Cr content between 5 and 13 % at 
288 °C, Kumai and Devine found the oxide formed in deaerated water to be composed of 
a uniform and passive magnetite-like inner layer and a non-uniform deposited magnetite 
outer layer [74].  As oxygen was introduced into the system, the outer layer changed to be 
composed of hematite [74]. 
There are still conflicts regarding the exact composition and phase structure of 
passive films on iron.  Beyond the uncertainties in the nature of the layered or mixed 
structure that forms between Fe3O4 and Fe2O3 phases, the occurrence of other oxides and 
oxyhydroxides varies greatly.  In general, the nature and phase structure of oxide films on 
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iron, or more specifically, carbon steel, strongly depends on factors such as the electrode 
potential, pH, and temperature. 
 
1.3 RADIATION AND WATER RADIOLYSIS 
1.3.1 Radiation Chemistry 
Many fission products and neutron activation products, which can be generated in 
environments such as nuclear reactors, are radioactive.  A radioactive nuclide decays to a 
stable nuclide by emitting a charged particle, α- or β-particle.  An alpha particle is a high 
energy (or fast) helium nucleus, He   
 
, and a beta particle is a fast electron [78].  The 
particle emission is accompanied by the emission of electromagnetic radiation, X-ray or 
-ray.  The energy of the particle or photon from the decay of a radionuclide  is typically 
in the range of 10 keV to 10 MeV [78].  The alpha particles emitted from a radionuclide 
have a discrete energy that is characteristic of the radionuclide.  For example, the 
α-particles from the decay of polonium-210 all have an energy of 5.304 MeV, whereas 
the α-particles from the decay of radon-222 all have an energy of 5.49 MeV [78].  The 
energy of a β-particle also depends on the decay of a particular radioactive isotope.  
However, instead of having a discrete energy, the energy of β-particles range from near 
zero up to a maximum energy, which is characteristic of the radionuclide.  For example 
the β-particles from the decay of cobalt-60 have an energy from zero to 0.314 MeV.  The 
characteristic energy of the electromagnetic radiation emitted from a radionuclide is also 
discrete but can have more than one value.  The -decay of cobalt-60, for example, emits 
-rays of 1.332 or1.173 MeV [78].  On the electromagnetic spectrum, light with a 
wavelength shorter than 30 Å, corresponding to energy greater than ~ 40 keV, is referred 
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to as -rays whereas X-rays cover the range of wavelengths between ultra-violet light 
(3000 Å) and -rays and energies between 0.4 keV and 40 keV.     
The high-energy charged particles and electromagnetic radiation are often 
referred to as ionizing radiation due to their ability to ionize molecules and atoms.  When 
passing through a medium, ionizing radiation continually transfers its energy to the 
interacting medium through a series of small energy transfer steps.  The energy transfer 
interactions involve collision of the radiation particle with the electrons in the matter and, 
therefore, the initial energy transfer from ionizing radiation depends on the density of 
electrons in the matter.  Since electron density is nearly proportional to the mass of an 
atom (except H), the energy transfer per unit mass is nearly the same for all types of 
matter.  Therefore, in dilute aqueous solutions the radiation energy is transferred almost 
entirely to water, with very small probabilities of directly interacting with solute 
molecules.  For this reason, a chemical process induced by ionizing radiation, such as 
radiolysis, is often referred to as a solvent-oriented process, compared to the selective 
solute-oriented process induced by low energy radiation such as photolysis, where 
photons can match the excitation energies of solute molecules [79].  The extent of 
chemistry induced by ionizing radiation depends on the energy absorbed by the medium.  
The absorbed energy from ionizing radiation (or dose) is often expressed in units of Gray 
(Gy), where 1 Gy = 1 Jkg–1.  The rate of radiation energy absorption by the interacting 
medium depends on the intensity of the radiation source and the rate of the energy 
transfer in the medium.   
 In determining the chemical effects of ionizing radiation on a medium it is the 
energy transfer rate per volume and not per mass since the rate of a chemical reaction 
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depends on concentration.  For this reason the linear energy transfer (LET) rate is the 
more useful parameter.  The LET rate depends on the type of radiation and the interacting 
medium.  For a given medium, it is higher for α-particles (due to their large size and 
charge), then β-particles, and lowest for γ-photons [78].  The different LET rates result in 
different penetration depths, 20 – 25 m for -particles, to 0.5 – 1.0 cm for -particles, to 
tens of cm for ½ reduction of -ray intensity in water at room temperature.  For 
-radiation, the energy is deposited in a small volume very near the radiation source.  
Therefore, in systems shielded from the radiation source by any significant amount of 
material (such as water) - or -radiation is of more importance.   
 The initial interaction between ionizing radiation and a water molecule is 
ionization or excitation of the water molecule, creating an ion pair (H2O•
+
 and e

hot) or an 
excited species (H2O
*
) along the radiation track.  The e

hot represents an energetic 
electron which may have sufficient energy to produce a second ion pair (H2O•
+
 and e

) 
and an excited species.  Any secondary ionization it produces will be situated close to the 
original ionization, giving a small cluster of 2-3 ionized and excited species near the 
place of the collision.  The cluster of 2-3 ion pairs and excited species is referred to as 
“spur”.  Radiation of different types and energy will lose energy in matter at different 
rates.  Consequently, it will form tracks that may be densely or sparsely populated with 
the active species.  The differences observed in the chemical effect of different radiations, 
i.e., differences in the quantities and proportions of the chemical products, stems from the 
different density of active species in the particle tracks [79].  
 The ion-pair formation stage is followed by various inter- and intramolecular 
energy transfer processes including energy relaxation to vibrational and rotational 
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motions, dissociation, ion-molecule reaction and geminate recombination.  These 
processes occur in spurs or solvent cages, while the size of the spurs is expanding.  The 
spurs overlap and the distribution of the radiolysis products along the ionizing radiation 
track become uniform and homogeneous.  The time to reach this homogeneous out-of-
spur distribution stage is 10
–7
 s in water at room temperature [79].  This time scale is very 
short compared to the time scale for bulk aqueous chemical reactions or solid/water 
interfacial reactions.  Thus, for the bulk phase chemical reaction kinetics that follow, the 
products and their concentrations at the homogeneous distribution stage can be 
considered as the reactants and their starting concentrations.  Hence, the radiolysis 
products formed at this stage are often referred to as the primary radiolysis products 
although they are not the first species formed upon irradiation.   
 The initial homogeneous yields are referred to as primary yields and their 
production is expressed using G-values.  A G-value is the number of ions, radicals or 
molecular species produced per 100 eV of absorbed energy, or molJ–1 in SI units.  For a 
given medium, the G-values are a function of the LET rate of the ionizing radiation.  For 
example, the primary yields from -radiolysis versus -radiolysis of liquid water at 25 °C 
are [78]:  
for -radiolysis: 
 H2O (–0.43)  •OH( .  ), •eaq
–( .  ), H•( . 6 ), H2(0.047),              
H2O2(0.073), H
+
(0.28)         (1.5) 
for -radiolysis: 
 H2O (–0.27)  •OH( .021), •eaq
–
(0.021), H•( . 10), H2(0.12),  
  H2O2(0.12), H
+
(0.021), HO2• (0.0040)       (1.6) 
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where the numbers in brackets are the G values in units of molJ-1. 
The primary yields are also a strong function of solvent properties such as dielectric 
constant.  For example, the primary yields from -radiolysis of water at 25 °C are 
different for gas and liquid states.  For -radiolysis in the gas state they are: 
 H2O (–0.85)  •OH( . 5), •e
–( . 1), H•( .75), H2(0.052), 
  H2O2(0.0), H2O•
+
 (0.31)         (1.7) 
As described above, the primary radiolysis products are not actually the first 
species formed upon the absorption of radiation energy, but rather the first set of 
chemical species that will undergo bulk phase chemistry.  These species are chemically 
reactive and will continually react with one another in the bulk aqueous phase or, if 
present, with solute species.   
When exposed to a continuous source of radiation, the primary radiolysis products 
are continuously formed while they are undergoing aqueous phase reactions [80, 81].  For 
example,   
•eaq  +  H
+
     •H          (1.8a) 
•eaq  +  O2      •O2
–
          (1.8b) 
•OH     H2         •H       H2O        (1.8c) 
•OH     •O2
–
      O2   +  OH
–
        (1.8d) 
Since most of these reactions are fast, the concentrations of radiolytic decomposition 
products in an irradiated aqueous system reach steady state relatively quickly on a time 
scale of seconds [79-81].  Solid/liquid interfacial reactions, such as corrosion, occur in a 
much longer time scale (hours and days).  Thus, the rates of the interfacial reactions are 
affected by the steady-state concentrations and not by the concentrations reached in a 
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short time scale.  The concentrations of the chemically reactive species will remain at 
steady-state concentrations as long as the irradiation remains constant.   
The radiolysis products range from highly oxidizing (e.g., •OH, H2O2) to highly 
reducing (•eaq
–, •O2
–
) and hence will participate in many surface redox reactions (e.g., 
corrosion).  Their concentrations at steady state are a function of absorption dose rate 
(Gys–1) since the dose rate with the G-values determines the primary radiolysis 
production rate.  However, chemical additives, pH, and temperature affect the rates of 
bulk aqueous phase reactions and hence will strongly influence the steady-state 
concentrations of the radiolysis products [79-82].  On the other hand, these factors have 
negligible influences on the primary radiolysis yields. 
 
1.3.2 Application of Research to the Nuclear Power Industry 
Carbon steels have a wide array of industrial applications from the oil and gas 
industry to the maritime industry [2, 83].  Carbon steel is also a material of choice for the 
Canadian nuclear industry and this application is of particular relevance to the work of 
this thesis, since there are many instances in the nuclear industry where carbon steel is 
used in an aqueous environment which includes exposure to ionizing radiation.  As well, 
the corrosion of carbon steel materials, and particularly coolant circuit piping, is a serious 
concern for the safe and effective operation of a nuclear power plant. 
 
1.3.2.1 Heat Transport System 
A key component of the CANDU (CANada Deuterium Uranium) nuclear 
reactor is the heat transport system (HTS), or reactor cooling system.  This system 
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circulates the coolant (D2O) that carries the heat released from fission of UO2 fuel in the 
reactor core to steam generators.  The nuclear fission in the core heats the circulating 
water from 250 °C at the reactor inlet to 300 °C at the reactor outlet [84].  The HTS of a 
CANDU reactor includes a horizontal array of zirconium alloy pressure tubes in the 
reactor core that are connected to individual carbon steel feeder pipes outside the core.   
Corrosion of pipes used in the HTS is an important issue for obvious reasons 
related to material replacement costs, reactor performance/downtime, and the lifetime of 
the reactor.  Establishing the corrosion kinetics under reactor coolant conditions is 
important for optimal coolant chemistry control and monitoring of piping status (e.g., rate 
of possible wall thinning due to corrosion).  Reactor coolant systems operate with very 
carefully controlled chemistry (low impurity levels, tight pH limits and tight dissolved 
oxygen limits) to ensure low, predictable rates of corrosion.  The chemistry control 
parameters are largely established on the basis of corrosion studies performed where no 
ionizing radiation was present.  However, the high radiation field in the reactor core will 
cause water radiolysis and the radiolysis products can migrate to other parts of the 
coolant system where, even at low concentrations, they can control the water redox 
conditions and influence corrosion.  
The transition metals have several stable oxidation states (like Fe
2+
/Fe
3+
) and 
redox active species can react with dissolved metal ions to change their oxidation state.  
This means that the presence of dissolved metal ions will interfere with the steady-state 
balance between water radiolysis products [85, 86].  A representation of the system for 
corroding iron in water is represented in Figure 1.9.  
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Figure 1.9:  System of corroding iron in irradiated water. 
 
In a nuclear reactor, dissolved metal ions can migrate through the coolant system.  
They will tend to condense (or precipitate as particles) at locations where their 
solubilities are lowest (normally low temperature regions).  Deposition of insulating 
metal oxides on the interior walls of the small diameter tubing used in steam generators 
can reduce the heat transfer efficiency of the tubing.  Alternatively, corrosion products 
that enter the reactor core may deposit there and absorb neutrons to become radioactive.  
For example, 
59
Co can absorb a neutron and become hazardous, gamma emitting 
60
Co 
[78].  If the neutron activation products are transported and precipitate on piping outside 
the core, the radioactivity level in the reactor containment building will rise and these 
activated corrosion products become a safety issue for reactor maintenance during reactor 
shutdown. 
To limit the rate of oxidation, CANDU reactors, and other reactor designs, 
maintain a reducing environment in the coolant by adding H2 to the coolant water [87-
89].  Although the use of hydrogen water chemistry does create a more reducing 
environment, it does not eliminate the creation of oxidizing species in locations where 
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water radiolysis is occurring.  Even with well controlled hydrogen water chemistry, 
controlling or limiting the concentration of oxidizing species does not necessarily prevent 
corrosion.  A highly reducing environment may limit the formation of a passive oxide 
film on a metal surface and, in turn, this may make the material more susceptible to 
corrosion during upset conditions (such as air ingress during reactor shutdown for 
maintenance).   nsufficient amounts of hydrogen may make the system “too oxidizing” 
and materials can become susceptible to either bulk corrosion, or for more corrosion 
resistant materials like stainless steel, stress corrosion cracking.  Beyond the addition of 
hydrogen, the CANDU coolant chemistry conditions are also controlled at a pH selected 
to minimize the corrosion of carbon steel pipes with the addition of LiOD.  The target is 
to maintain a pH25°C near 10.2-10.8 [31, 90]. 
Most studies performed under the thesis research are carried out at pH25°C 10.6, 
near the HTS pH range.  Also, the reason for this choice of pH for the studies is that this 
pH is sufficiently away from the pKa of H2O2 (11.75) and from the pKa of •eaq

 (9.7).  At 
pHs above the pKa of H2O2 its anion (HO2

) having a different redox property is 
prevalent.  At pH 9 - 10 around the pKa of •eaq

 the steady-state concentrations of 
radiolysis products are a highly sensitive function of pH [80].   
 
1.3.2.2 Waste Disposal 
In addition to corrosion of metal piping in nuclear reactors, corrosion of metals 
used in other applications where ionizing radiation is present is of concern.  One such 
application is the storage and disposal of radioactive waste and particular high level 
(highly radioactive) waste such as used nuclear fuel [91-109].  Countries using nuclear 
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power have independently researched options for used nuclear fuel disposal including 
fuel reprocessing and deep geological fuel storage [93, 104, 106, 107].  In most proposed 
plans for geological storage, carbon steel is a candidate material for the packaging of 
spent nuclear fuel.  The chemical environments for proposed spent fuel storage are 
different from those of a nuclear power plant coolant system, with lower temperatures 
and pressures, the presence of groundwater cations and anions, and neutral to basic pH.  
Although systems vary, all models assume the system should reach a state of anaerobic 
corrosion over a period of time that may take a few decades to hundreds of years.  Spent 
nuclear fuel will generate heat during storage and this will create elevated temperatures 
which could range from 50 °C to 150 °C initially [99].  Eventually the container will cool 
to the ambient geological storage temperature (nominally assumed to be ~ 30 °C) after 
thousands of years [99].   
As in the case of the heat transport system, the corrosion process will be 
determined by the nature of oxide films present and their interaction with water radiolysis 
products.  Due to the varying environmental conditions, a single corrosion rate for carbon 
steel as a waste disposal material cannot be obtained.  However, the complex range of 
environments makes fundamental understanding of the mechanisms of oxide formation 
and interfacial reactions even more important in predicting corrosion for fuel disposal 
containers. 
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1.3.3 Corrosion Studies of Steel in Radiation Environments 
1.3.3.1 Low LET Exposure 
1.3.3.1.1 Electrochemical Studies 
Electrochemical studies of the corrosion of carbon steel with radiation present 
date back to as early as 1958 [110].  While the research does date back many decades, the 
number of studies are limited and understanding of the oxidative and reductive behaviour 
of steel under irradiation remains somewhat unclear [110-127].  The number of 
electrochemical studies under reactor conditions are very few and often provide poor 
results and little usable kinetic data [122].  The majority of electrochemical studies have 
focused on various stainless steel alloys and research has shown irradiation to both 
decrease [97, 98, 110, 118, 123] and increase [112, 120, 126, 127] the measured 
corrosion potential on an alloy.  The corrosion potential is the potential that a corroding 
metal in an aqueous solution at equilibrium will establish.  It is the potential at which the 
rates of oxidation and reduction reactions are equal, and is further explained in Chapter 2.  
When the potential is seen to decrease under gamma irradiation, the behaviour is often 
attributed to the electrode acting as a hydrogen indicator electrode; the measured 
potential is simply that of the oxidation of H2 produced due to water radiolysis.  The 
behaviour of a metal as a hydrogen indicator electrode under irradiation is confirmed 
when stainless steel is replaced with the more noble metal, platinum.  Platinum is very 
responsive to H2 and can act as a catalyst for H2 oxidation.  When a platinum electrode is 
placed under irradiation, the potential on it drops immediately and, when irradiation is 
stopped, the potential slowly increases as H2 is no longer produced and any remaining H2 
diffuses away from the electrode [120].  It has also been suggested that the potential drop 
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of stainless steel under irradiation could partially be caused by a reaction of the alloy with 
one of the reducing water radiolysis products, specifically superoxide (•O2
–
) [97]. 
In studies where the potential on steel was seen to increase under gamma 
irradiation, the increase is attributed to the reaction of the steel with an oxidizing water 
radiolysis product.  The oxidizing species may be H2O2 [113-115, 120], O2 [112, 127], or 
•OH [117, 120].  Unlike the studies where a reduction in potential was observed, when 
the stainless steel potential increased under irradiation, chemical changes in the steel 
surface occurred.  When stainless steel electrodes were removed from the radiation 
environment, the potential on them decreased only slightly and did not return to the lower 
pre-irradiated potential.  This suggests that changes in the oxide structure on the stainless 
steel surface had occurred [114, 120].  When H2O2 is used as a solution additive to 
simulate the effect of gamma irradiation of water, similar changes are seen in the 
measured potential [114].  It has also been shown that in studies where the oxidation 
associated with water radiolysis is simulated using H2O2, there are correlations between 
the relative passivity of an oxide and hydrogen peroxide concentrations [114, 115].  
Through the potential regions of passivation, the potential is proportional to the 
concentration of peroxide [113].  At the highest peroxide concentrations, the peroxide 
may decompose on the electrode surface without significant potential changes [113, 114] 
or it may increase the potential into a transpassive region where film breakdown occurs 
due to defects in the oxide [115]. 
In determining which water radiolysis product is acting as the key oxidant, the 
structure of the oxide film formed on steel can be used as an indicator.  For example, an 
analysis of iron deposit products suspended in solution found that when O2 was the key 
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oxidizing species the main oxidation product was magnetite, while when H2O2 was the 
key oxidizing species the main oxidation product was maghemite [128].  Also, the oxide 
on stainless steel has been shown to be thicker with H2O2 exposure compared to O2 
exposure and the oxide thickness decreases with increasing [H2O2], but increases with 
increasing [O2].  This behaviour has been attributed to the relative effects on both 
dissolution and oxide growth rate that the different oxidizing species have on stainless 
steel [116]. 
In addition to an incomplete understanding of how the corrosion potential will 
change with irradiation, there are also conflicting reports as to whether irradiation 
increases or decreases the susceptibility of stainless steel to pitting corrosion.  Localized 
corrosion events, which include pitting, involve corrosive attack on localized sites on a 
surface, while the rest of the surface corrodes at a lower rate, leading to high localized 
currents ( high corrosion rates).  Glass et al. showed that the pitting susceptibility 
(defined as the difference between the corrosion potential and pitting potential) of Type-
316L stainless steel increased under gamma irradiation [120].  However, the difference 
between the corrosion potential and the pitting potential only decreased minimally with 
irradiation (the difference was still approximately 0.2 V) and, therefore, irradiation would 
not cause spontaneous pitting.  Pitting potential is a potential in a given environment 
above which localized corrosive pits form on the metal surface [129].  Lillard et al. found 
that proton irradiation of stainless steel foil caused an increase in both the corrosion 
potential and pitting potential.  The net result was an overall decrease in the likelihood of 
pitting for irradiated versus unirradiated stainless steel [126]. 
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Another area of interest related to the steel corrosion process and water radiolysis 
is the formation of concentration cells.  A concentration cell contains two separate areas 
of metal that are in electrical contact, but in different redox environments.  Concentration 
cells can be separated by up to 100 m in underground pipelines due to oxygen 
concentration gradients [130].  Fujita et al. [131] performed an experiment in which 4 
iron samples were analyzed.  Two samples were irradiated; one of the irradiated samples 
was electrically isolated and the second sample was electronically connected to a third 
unirradiated sample.  A fourth unirradiated sample was electronically isolated.  
Experiments were performed in pressure vessels at 250 °C with pure water.  The 
irradiation was provided by a 
60
Co gamma source with a dose rate of 0.48 kGy·h
–1
.  
Magnetite was found on all samples.  The irradiated samples were both seen to have a 
similar corrosion rate.  The unirradiated, electronically connected sample had lower 
corrosion rates than the isolated unirradiated sample.  The observations were attributed to 
the existence of a concentration cell in which reducing species produced by water 
radiolysis caused a cathodic reaction with the sample under irradiation and the electronic 
contact caused the unirradiated sample to be anodically polarized, producing a passive 
oxide.  Detailed thermodynamic calculations related to the redox properties of various 
water radiolysis products, with particular emphasis on the solvated electron, have shown 
that in some nuclear reactor systems significant concentration cells can form [132].  It has 
been shown that in some cases the strong reducing power of the solvated electron, whose 
concentration depends highly on factors such as solution chemistry and dose rate, can 
cause the materials inside the reactor core to behave as a giant cathode (site of reduction).  
Since the piping of the coolant system outside of the core is in electrical contact, there is 
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the possibility for the out of core components to be anodically polarized to potentials 
beyond any level that could be due to the oxidizing effects of any water radiolysis 
products (such as H2O2) that could be present.  It was predicted that the in-core and out-
of-core components could have potential differences of 0.4 V to 0.1 V, depending on 
reactor design [132]. 
Beyond effects on the solution, absorption of ionizing radiation energy by 
semiconducting oxides can induce photoelectric effects in the oxides leading to the 
creation of electron/hole pairs.  If a pair was to separate and the components migrate to 
either interface, a number of possible reactions could occur.  The migration of the 
separated pair would depend on the band bending of the valence and conduction bands of 
the semiconducting oxide at the oxide/metal or oxide/solution interface [133].  If the 
electron moved to the oxide/metal interface and the hole moved to the oxide/solution 
interface, the hole could cause dissolution to occur.  If the opposite occurred and the 
electron moved to the oxide/solution interface, the electron would accelerate the cathodic 
(reduction) reaction, which could then accelerate a coupled oxidation reaction [133].  It is 
expected that photo-induced corrosion is a relatively inefficient process for carbon steel 
for two reasons.  Firstly, for most cases of interest, the oxide film is composed of 
magnetite.  As noted above, magnetite is a near conductive oxide, so that it cannot 
support the formation of separated ion pairs readily.  Secondly, for low LET radiation 
like gamma radiation, a thin oxide film can absorb very little energy and direct photo-
induced events will be few.  For stainless steel, with even thinner oxides than carbon 
steel, the relative energy transfer to the film by gamma radiation would be even less.  
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However, the layering of various semiconductor oxides on stainless steel [134] may 
enhance photo-induced corrosion in stainless steel over carbon steel. 
 
1.3.3.1.2 Waste Disposal Corrosion Studies 
 One of the most thorough studies on the effects of irradiation on carbon steel 
corrosion as it relates to nuclear waste disposal was performed by Marsh et al. [91].  They 
measured carbon steel corrosion under granitic water conditions at pH 9.4, for 5000 h, 
temperatures up to 90 °C, and with gamma radiation present [91].  They determined that 
the gamma radiation increased the corrosion rate, with the rate increasing with increasing 
radiation dose rate.  The increase in corrosion rate was observed only during an initial, 
short period of time, after which the corrosion rate decreased to a steady-state level near 
that observed with no radiation present.  The authors did observe some localized 
corrosion of some samples under irradiated and noted that this could have affected some 
of the corrosion rate determinations.  More recent studies by others have also found 
irradiation to increase the corrosion rate of carbon steel [92, 94, 95, 101].  These studies 
have been performed in under both acidic [92] and basic [101] conditions.  A 
commonality in all studies is the possible occurrence of localized corrosion.  Under acidic 
conditions, the presence of gamma radiation had no observable impact on the corrosion 
of various steels for low dose rates (1, 10 and 100 Gy·h
–1
).  However, at higher dose rates 
(1000 Gy·h
–1
) the corrosion rate increased [92].  At 1000 Gy·h
–1
 significant pitting and 
crevice corrosion occurred and no passive film formed on the steel surface.  Reda et al. 
[94] studied Type 1018 carbon steel corrosion in a saturated brine solution (NaCl and 
MgCl2) exposed to high-level gamma irradiation and found  an increase in the rate of 
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corrosion.  The type of corrosion with radiation present was stress corrosion cracking and 
only uniform corrosion was observed under no radiation.  Smart et al. [101] studied 
carbon steel corrosion in high salinity solutions at mildly basic pHs of 8.8 and 10.4 and 
found that the corrosion rate of a carbon steel wire exposed to a dose of 300 Gy·h
–1
 was 
higher than the corrosion rate with no radiation present.  Their test solutions were 
described as a dark and milky sludge after prolonged tests, indicating that aggressive 
corrosion occurred, most likely forming magnetite.  In their experiments, nitrogen was 
used as a cover gas and the authors did note that dissolved nitrogen may have been 
converted by radiolysis reactions into nitric acid [101].  The production of nitric acid in 
nitrogen saturated water exposed to irradiation is a well known process [135].  In other 
tests it was found that the use of helium as a cover gas led to reduced rates of corrosion, 
presumably due to the absence of nitric acid production [100].  The pH of the test 
solutions did decrease by 1 to 2 pH units with a nitrogen cover gas present, however, it 
was unclear what fraction of the pH change was due to the formation of nitric acid and 
what fraction arose from the hydrolysis of ferrous ions in solution [100]. 
 In some cases, radiation has been shown to lower the corrosion rates of various 
steels [92, 96].  Ahn et al. [96] studied the corrosion of several steel alloys which differed 
in their carbon content (0.07 to 0.25 %) in high concentration solutions at pH 10.3, with 
temperatures between 80 °C and 150 °C, and a gamma radiation dose rate of 10 kGy·h
–1
.  
They found, for tests lasting two months, the corrosion rates of irradiated samples were 2 
to 5 times lower than those of unirradiated samples.  For 4 month-long tests the corrosion 
rates of both irradiated and unirradiated samples were similar.   
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For all reported work, the main oxide formed was found to be magnetite [91, 93, 
98, 100, 101].  In some of the tests with irradiation, further oxidation of magnetite 
occurred.  The result was the formation of layered oxides including minor amounts of 
Fe2O3 [93] and oxyhydroxides, such as -FeOOH [93, 100]. 
 
1.3.3.2 High LET Exposure 
 While high LET radiation sources were not used for the work of this thesis, 
extensive research has been performed on the effects of high LET radiation on steel 
corrosion, and therefore, a very brief review of studies on this phenomena is provided.  
Due to the very limited penetration depth of high LET radiation, studies have focused on 
materials in contact with radiation sources, such as fuel cladding [136].  
 A great concern for material integrity is the possible occurrence of localized 
corrosion events.  Localized corrosion may occur through many mechanisms, but the one 
that has undergone the most research as it relates to radiation-induced corrosion is 
irradiation-assisted stress corrosion cracking (IASCC) [136-148].  Stress-corrosion 
cracking (SCC) is the growth of cracks due to the simultaneous occurrence of both a 
stress in a material and reactive environment [149].  Although the exact mechanism for 
stress corrosion cracking may not be clear, it often occurs along grain boundaries in the 
microstructures of materials and there is evidence that dealloying dominates the SCC 
mechanism [149].  Dealloying occurs when one component from an alloy is removed, 
either by dissolution into the solution or migration within the microstructure [2].  While 
SCC can occur on carbon steel, it is more common in higher alloy steels, and therefore, it 
is of much more studied for various stainless steels than carbon steels.  The interest in 
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IASCC is high because it is a known problem in nuclear power plants [150].  In addition, 
new advanced nuclear reactor designs aim to increase the temperature of the water 
coolant (up to supercritical levels) and this will put reactor materials under conditions 
where the risk of IASCC is increased  [136, 137, 145]. 
In considering IASCC, the direct effect on material properties of heavy particle 
radiation (alpha particles, neutrons) needs to be considered.  The high energy particles 
can alter the microstructure or a metal by processes that include radiation induced 
segregation (RIS), radiation induced depletion (RID), and the formation or movement of 
dislocations.  Radiation induced segregation involves the redistribution of alloying 
elements in steel and either their enrichment or depletion in grains or grain boundaries.  It 
is similar to the effects of thermal segregation, however concentration changes can be 
orders of magnitudes larger in RIS [143].  Radiation induced segregation is a strong 
function of irradiation temperature, dose rate, and total absorbed dose [136].  In general, 
it has been shown for stainless steel that as RIS increases, Fe and Cr depletion at the grain 
boundaries occurs, while Ni in the boundaries is enriched [137, 143, 146, 147].  While 
the segregation, or depletion of major alloying elements is known to occur, attempts to 
isolate the effects of RIS from other radiation-induced processes have shown that RIS 
alone cannot cause IASCC[146].  It has also been shown that minor alloying elements, 
such as C, Si, or P also undergo RIS [137, 143, 146, 147].  Although more difficult to 
detect, results suggest that the segregation of minor alloying elements do not alone cause 
IASCC.  Recent advancements in analytical techniques such as atom-probe tomography, 
neutron scattering, and electron microscopy are allowing for enhanced analysis of the 
movement of all alloying elements, however the exact effect of segregation of each 
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element remains unresolved [139].  More recently, research has focused on the formation 
and movement of dislocations formed due to radiation, although seen to be a factor in 
IASCC, it alone is not a cause of IASCC [145].   
Since SCC results from both a material stress and a corrosive aqueous 
environment, attempts have been made to isolate the effects of water radiolysis products 
on the corrosion mechanism.  Such studies of IASCC on various stainless steels have 
been performed [86], but the presence of water radiolysis products and a shift in the 
corrosion potential has not been shown to be sufficient to cause IASCC.  Water radiolysis 
may play a significant role in IASCC, but does not act alone. 
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Chapter 2 
Experimental Principles and Details 
 
2.1 ELECTROCHEMICAL PRINCIPLES OF AQUEOUS CORROSION  
 As discussed in Chapter 1, corrosion is an electrochemical process that involves a 
series of oxidation and reduction reactions and occurs at the interface between the 
material of interest (for this thesis carbon steel) and its environment.  The two redox 
reactions can be expressed as: 
  →        –            (2.1) 
where M represents the solid metal, M
n+
 represents the oxidized metal species, and n is 
the number of electrons transferred and 
       – →                 (2.2) 
where Ox represents the soluble oxidant and Red the reduced form of the oxidant [1].  
 Since the above reactions involve both chemical reactions and the movement of 
charged species (electrons or ions), the free energy change for an electrochemical 
reaction is potential dependent [2, 3], 
      –                 (2.3) 
where rG is the free energy of the reaction, F is the Faraday constant (96 485 Cmol
1
), 
and E is the reversible potential difference of the reaction [2].  
 The Va ’t Hoff Isoth  m giv s th    p     c  of th  f        gy of th    actio  
on the concentrations of species involved and the temperature [2], 
         
                    (2.4) 
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where rG
0
 is the standard free energy of the reaction, R is the Universal Gas Constant 
(8.314 JK1mol1), T is the absolute temperature (in Kelvin), and Keq is the equilibrium 
constant for the reaction.  Similar to equation (2.3), the standard free energy of the 
reaction relates to the standard potential of the reaction.  The standard potential, E
0
, is the 
equilibrium potential for the half-reaction under standard conditions, where rG
0
 = nFE0 
[4].  Since potential is always a relative value, an appropriate reference point is required.  
For a reference, the Standard Hydrogen Electrode (SHE) is chosen. 
 H     –  H              (2.5) 
Equation (2.5) represents the reaction taking place on the SHE (Pt at 25 °C in solution 
with aH+ = 1 and PH2 = 1 atm).  This half-reaction has been chosen as the zero or reference 
point for the potential scale (ESHE = 0).  The thermodynamics of any half-reaction can 
then be described in terms of a potential difference from ESHE = 0.  The thermodynamics 
of any overall redox reaction can, in turn, be evaluated from the difference between the 
potentials (vs. SHE) determined for each half-reaction involved. 
Substitution of equation (2.3) into (2.4) allows for the conversion of th  Va ’t 
Hoff Isotherm into the electrochemical equivalent, known as the Nernst equation, 
      
  – 
  
  
                                                                                                               
where Eeq is the equilibrium potential for the half-reaction (vs. SHE).  The equilibrium 
potential of a half reaction, for example the generalized reaction in equation (2.2), can be 
calculated with proper substitution into the Nernst equation. 
      
  – (
  
  
)   (
     
    
)                                                                                                  
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Note that the proper form of the equilibrium constant using activities has been simplified 
to include concentrations.  Also note that the convention for a redox reaction expressed in 
the Nernst equation in the above form is in the form of a reduction reaction [2, 3].   The 
Nernst equation can be used to determine the equilibrium potential under a variety of 
experimental conditions, such as variation in the concentration of redox species.  The 
difference between the equilibrium potentials of the two half-reactions can then be 
obtained at each condition.  It is this difference in the equilibrium potential that acts as 
the driving force and promotes the corrosion of the metal. 
The overall corrosion reaction can be represented as the sum of the two 
electrochemical half-reactions: 
      →                   (2.8) 
Therefore, corrosion involves the coupling of two electrochemical reactions at the surface 
of the metal.  The potential of a corroding metal is that at which the rates of the anodic 
and cathodic reactions are equal for a given set of conditions, and this potential is referred 
to as the corrosion potential, ECORR.  The anodic current represents the rate of liberation 
of electrons from the metal (M) and the cathodic current represents the rate of 
consumption of electrons by the aqueous species (Ox).  Therefore, since the anodic 
current equals the cathodic current, the rate of liberation of corrosion products (M
n+
) is 
proportional to the rate of consumption of aqueous oxidants (Ox) at the corrosion 
potential.  Since the corrosion current is a measure of the corrosion rate, it is a kinetic 
variable of interest in the study of corrosive processes.   
The corrosion current is the absolute value of the anodic current or the cathodic 
current at the corrosion potential illustrated by the equation, 
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i      ∑ ia   |∑ ic| at ECORR            (2.9) 
where iCORR is the corrosion current, ia is the anodic current, and ic is the cathodic current.  
However, the electrons are maintained within a short-circuited reaction, and so the 
externally measured current is zero, 
i  t  ∑ ia   ∑ ic     at ECORR          (2.10) 
where inet is the externally measured current of the system [1].  Although the corrosion 
current cannot be measured directly, the corrosion potential can be measured directly, and 
through applications related to the Butler-Volmer equation (derived below) the corrosion 
current can be obtained [2, 5-7].  Also note that with the use of ‘i’ all currents are 
representative of a current density (ie. units of A·cm
–2
) in this chapter and the following 
experimental chapters. 
 The forward rate of one of the half reactions, for example (2.2), is proportional to 
the activity of the reacting species (aOx), 
 at     a             (2.11) 
where k is a rate constant.  In electrochemical reactions, the rate is expressed in terms of 
a current, 
i   –   a             (2.12) 
Analogous to the temperature dependence of rate constants, as described by the 
Arrhenius equation, the rate constants of electrochemical reactions are similarly 
dependent on potential,  
        p(–
a⃡   
  
)                                                                                                  
where k0 is the pre-exponential factor, a⃡ is the transfer coefficient (describing the 
symmetry of the activation barrier to the forward and reverse reactions), and  is the 
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overpotential.  The overpotential of an electrochemical reaction is the difference between 
the potential and the   actio ’s equilibrium potential. 
      –               (2.14) 
The above description occurs analogously for the reverse reaction, and summing the 
forward and reverse kinetic relationships provides the net current. 
i   i [  p(
a⃖   
  
) –   p(–
a⃗   
  
)]                                                                          
where a⃖ and a⃗ are the transfer coefficients for the half-reactions proceeding in the reverse 
(anodic) and forward (cathodic) directions, respectively (a⃖ + a⃗ =1), and i0 is the exchange 
current.  The exchange current is the current at zero overpotential.  Equation (2.15) is the 
Butler-Volmer equation and it describes the measured current as a function of applied 
overpotential for a given half-reaction and is shown graphically in Figure 2.1 [8].   
 
Figure 2.1:  Current-potential relationship for a redox active species. 
+ E
Cathodic Current
Anodic Current
Ox + ne– → Red
+ i
Red → Ox + ne–
i0
(A)
iA
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For the Butler-Volmer equation, at large positive overpotentials, the second 
exponential term becomes negligible in magnitude and the equation is dominated by the 
oxidation process, as described by the first (anodic) exponential term.  Inversely, at large 
negative overpotentials, the first exponential term becomes negligible in magnitude and 
the equation is dominated by the reduction process, as described by the second (cathodic) 
exponential term. 
 For the case of a corrosion reaction (2.8), two half reactions are coupled and are 
reacting at the combined corrosion potential.  Each half-reaction will have its own 
independent Butler-Volmer relationship.  The net observable current-potential 
relationship is then obtained by the sum of the two Butler-Volmer equations.  The 
summed Butler-Volmer equations of two half reactions of a corrosion process is called 
the Wagner-Traud equation [9-11]. 
i   i    [  p (
a   
  
( –     )) –   p(–
ac  
  
( –     ))]                                 
where aA is the anodic transfer coefficient and aC is the cathodic transfer coefficient. 
 In the Wagner-Traud equation, one half of the Butler-Volmer equation of each 
half reaction is negligible, resulting in an equation composed of the anodic exponential 
term of the oxidation reaction and the cathodic exponential term of the reduction reaction.  
For the Wagner-Traud equation, the transfer coefficients are similar to those in the 
Butler-Volmer equation, though in this case they correspond to the activation barriers for 
the two different half-reactions.  iCORR, as described above, is the corrosion current, and is 
the short-circuited current occurring when the system is not polarized away from the 
corrosion potential.  EECORR represents the degree of polarization (overpotential) away 
from the corrosion potential. 
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 The above description is for a theoretical kinetically controlled system; however, 
the rate of an electrochemical reaction may be further limited.  The rate of an 
electrochemical reaction may be limited by the finite rate at which a reacting species 
diffuses to the electrode surface.  The resulting exchange current is proportional to the 
concentration of the reacting species at the electrode/solution interface. 
i    –    
c ( )–c    
 
                                                                                                      
where Dx is the diffusion coefficient of the reacting species x, cx    is the concentration 
of species x in the bulk solution, cx(0) is the concentration of species x at the electrode 
surface, and  is the diffusion layer thickness.  There may also be effects on the current 
from migration (the movement of ions under an electric field due to coulombic forces) or 
convection (the depletion or addition of reacting species to an electrode surface, often 
resulting from processes such as electrode rotation). 
Additionally, an oxide may form and impede the rates of reactions.  As discussed 
in Chapter 1, the corrosion of a metal is often accompanied by the formation of a surface 
oxide.  The overpotential for the metal oxidation at the metal/oxide interface, or that for 
the reduction of aqueous species at the oxide/aqueous interface, will be further affected 
by the potential gradient across the oxide layer, EOx.  The potential gradient results from 
an oxide film resistance, Rfilm, and the current resulting from the electrochemical 
  actio , as show  by  hm’s Law  
      i fi m            (2.18) 
Since Rfilm is proportional to oxide thickness, as the oxide layer grows EOx 
increases leading to a decrease in the overpotential.  This will slow down the 
electrochemical half reactions at the interfaces and consequently slow the oxide 
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production rate.  The overpotentials at the interfaces cannot be directly measured, 
however, ECORR can be measured, and is related to overpotentials by, 
               
  
– 
      
      (2.19) 
 As the oxide layer grows, the oxide production rate by the electrochemical 
reaction, 
2 M(s) + n H2O(l)  2 MOn/2(s)  + n H2(g)       (2.20) 
will decrease until it eventually equals the rate of oxide dissolution, 
2 MOn/2(s)  +  n H
+
(aq)     2 M
n+
(aq)  +  n OH

(aq)     (2.21) 
At this point the oxide layer reaches a steady state and the corrosion rate will be dictated 
by the rate of oxide dissolution.  The more insulating the oxide layer, the faster this 
approach to steady state will occur. 
 Furthermore, a resistance may be present in the solution between the metal 
electrode and the reference electrode.  Akin to equation (2.18), a potential drop will 
occur.  For electrochemical studies, a potential drop within the solution would affect the 
potential measure of interest between the electrode being studied and the reference 
electrode.  As shown in equation (2.18), a small resistance would result in a small 
potential drop.  This is obtained by using electrolytes of sufficient concentrations to lower 
the solution resistance to give a negligible potential drop. 
 Beyond potential distributions within the system, capacitance contributions may 
arise due to charge redistribution at interfaces.  At the metal (or oxide)/solution interface, 
the charge redistribution results in the formation of a double-layer capacitance.  At the 
interface, a potential difference, or overpotential, is present between a metal (or oxide) 
and the bulk solution (equation 2.19).  An abrupt change in potential at the interface 
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would require a substantial redistribution of charge.  The distribution of charge results 
from electrons in the metal (or oxide) and ionic species in solution, that may accumulate 
at the interface.  To maintain electrical neutrality, a diffuse region of charge within the 
solution near the interface may be present.  Various models have been developed to 
characterize the double-layer capacitance and a simplified description of one model is 
provided.  At the interface, two planes, called the inner Helmholtz plane and the outer 
Helmholtz plane are established.  The inner Helmholtz plane is associated with ions that 
are specifically absorbed onto the surface.  The outer Helmholtz plane is the plane of 
closest approach for solvated ions.  The inner and outer Helmholtz plane represents one 
half of the double-layer capacitance.  The second half is the diffuse region of charge near 
the electrode surface.  The diffuse region has a Debye length λD, 
λ   √
     
  ∑    c     
                                                                                                            
where  is the dielectric constant, 0 is the permittivity of vacuum, and z is the charge 
number of ionic species x.  The resulting double layer capacitance, Cdl, is dependent on 
the distribution of charge, dQ, and the potential difference at the interface, dE. 
    
  
  
                                                                                                                                  
Additionally, a capacitance can be associated with the oxide film or deposit on the 
metal surface.  The film capacitance, Cfilm, is, 
 fi m 
 f  
 f
                                                                                                                              
where f is the dielectric constant of the oxide film material, and f is the thickness of the 
oxide film.  
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 As can be seen, the corrosion mechanism and resulting current-potential 
relationship is dependent on a number of factors, including charge transfer kinetics, 
diffusion, the formation of oxides, and interfacial chemistry.  Through the experimental 
isolation of individual variables a more thorough understanding of the corrosion system 
can be obtained. 
 
2.2 ELECTROCHEMICAL TECHNIQUES 
2.2.1 Electrochemical Cell Setup 
For all studies, a three-electrode electrochemical cell was employed.  Along with 
the electrochemical cell, a potentiostat is used to both control and measure the potential 
and current.  In the electrochemical cell the current of the reaction under investigation 
passes between the working electrode (the electrode of interest, or in the case of this 
thesis, carbon steel) and the counter electrode.  The counter electrode should have high 
activity, negligible by-product production and a larger surface area compared to the 
working electrode.  For these reasons platinum mesh is a common choice for the counter 
electrode and was used in this thesis.  The third electrode is the reference electrode, 
which is a stable electrode of known potential, against which the potential of the working 
electrode can be controlled or measured.  In the potentiostat, the working electrode and 
reference electrode are connected through a circuit with a high impedance voltmeter that 
ensures negligible current flows through the external measurement circuit between the 
working electrode and reference electrode, which ensures a limited iR (voltage) drop 
[12].  Therefore, the potential of the reference electrode remains constant. 
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Figure 2.2: Schematic of a three-electrode cell setup. 
 
2.2.2 Corrosion Potential 
As stated in section 2.1, the corrosion potential, ECORR, is the potential that is 
established on a corroding metal surface when there is no external current or potential 
applied to the system.  The rates of the coupled anodic and cathodic reactions depend on 
factors, including: the presence or absence of an oxide film, the electronic properties of 
the oxide film, thickness of the oxide film, pH, temperature, and the presence of 
potentially oxidizing or reducing species in the aqueous phase [13].  ECORR can be 
measured by measuring the potential between the working electrode and reference 
electrode. 
Since ECORR is typically a complicated function of not only the equilibrium 
potentials of the coupled redox pairs, but also the electrode surface, topography, the 
concentration of the redox couples, and the individual reaction rates, the prediction of 
ECORR from known thermodynamic and kinetic parameters is often not possible. 
Counter 
electrode
Working 
electrode
Reference 
electrode
Measurement 
Circuit
Control 
Circuit
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2.2.3 Cyclic Voltammetry 
Cyclic voltammetry (CV) is used to study various anodic and cathodic processes 
that occur at an electrode surface as a function of an applied potential.  For a CV, the 
current density is monitored while the working electrode potential is scanned linearly 
from an initial potential to a final vertex potential, Figure 2.3.  The scan direction is then 
reversed and scanned back to the initial potential and this cycle can be repeated any 
number of times.  The initial and final vertex potentials are chosen as potentials within 
the water stability region (above the potential of water reduction and below the potential 
of water oxidation).  The measured current density during the scan cycles is a measure of 
the net rate of charge transfer occurring on the working electrode, i.e. it may be a 
combination of a reductive and oxidative current. 
 
Figure 2.3:  The potential-time profile applied in a cyclic voltammetry experiment. 
The measured current is recorded as a function of potential and can often provide 
information about the sequence of electrochemical oxidation and reduction reactions 
occurring on the working electrode.  The current response may depend on the potential 
scan rate, and changes to the scan rate may provide information on the relative 
Einitial
Efinal
E (V)
time
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contribution to the current of varying reactions [13].  Also, changes to the final vertex 
potential can provide information on the coupling of oxidation and reduction processes. 
 
2.2.4 Potentiostatic Polarization 
In a potentiostatic polarization experiment a constant external potential, EAPP, is 
applied to the working electrode, with respect to the reference electrode, and is held for a 
certain length of time while the resulting current is measured.  The value of the applied 
potential with respect to ECORR will determine the direction of electron flow, thereby 
allowing either the anodic or cathodic reaction to be studied at the working electrode.  
During anodic polarization the time-dependent behavior of the observed current can often 
provide insight into processes such as the oxide film growth mechanism.  Under 
potentiostatic polarization, the measured current will have a unique value if the coupled 
redox half reactions remain the same due to the face that i and EAPP are related via the 
Butler-Volmer equation.  The change in current with time also provides insight in the 
changes occurring on the working electrode surface as the system approaches steady 
state. 
 
2.2.5 Linear Polarization Measurements 
 Linear polarization (LP) measurements involve scanning the potential linearly 
about either ECORR or EAPP, while measuring the current.  The potential limits are kept to 
a minimal value, typically less than 30 mV, in order to remain within an approximately 
linear region of the Butler-Volmer equation (around i0 in Figure 2.1, or iCORR of the 
Wagner-Traud equation).  Also, the small potential range minimizes perturbation of the 
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system away from ECORR (i.e., the natural corroding system) or from the desired applied 
potential.  Several useful parameters can be calculated from LP measurements depending 
on the electrode kinetics.  One parameter, the polarization resistance, can be useful in 
interpreting passivity of a resistive film, or the relative rates of electron transfer processes 
on an active film. 
 
2.2.6 Electrochemical Impedance Spectroscopy 
 As discussed in section 2.1, a number of resistive, capacitive, and diffusion effects 
may be present in an electrochemical process.  One way to characterize these elements is 
through electrochemical impedance spectroscopy (EIS) [13, 14].  Electrochemical 
impedance spectroscopy is a commonly used method to determine properties of an oxide 
film, including resistive, capacitive, inductive, and diffusive components, and rates of 
charge transfer at the various interfaces [14].  The following is a simplified description of 
a coupled resistor and capacitor, and further discussion of elements, such as diffusive 
components, are addressed with experimental results in the appropriate chapters. 
Generally, the system is broken down into any number of resistors and capacitors 
that may be electrically in series or in parallel.  A resistor is an element that limits current 
flow and is proportional to resistivity (inversely to conductivity) and length, and 
inversely proportional to area.  For electrochemical purposes, a resistive behaviour is 
often related to the resistance of an oxide film, or a charge transfer process at an 
interface.  The measured current passing through a resistor, with a resistance Rx, can be 
calculated from  hm’s Law  
i 
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As described with the double-layer in section 2.1, a capacitance can be envisioned 
as the change in a charge per change in potential, 
  
  
  
                                                                                                                             (      
and because the charge is the integration of the current over a unit time, the measured 
current for a capacitor is, 
i  
  
 t
                                                                                                                                    
As shown in equations (2.25) and (2.27), current-potential relationships are 
dependent on resistive and capacitive elements of the electrochemical system.  
Electrochemical impedance spectroscopy involves the input of a varied frequency 
potential, and the measure of a frequency dependent current.  The input potential for EIS 
is a small sinusoidal potential (typically 10 mV amplitude) about EAPP or ECORR. 
    amp si ( t)      o               (2.28) 
wh      is th  a gu a  f   u  cy and Eamp is the maximum amplitude of the sinusoidal 
potential.  As in linear polarization, a small perturbation is applied so that a narrow linear 
tangent of potential is measured of the larger scale exponential current-potential 
relationship, Figure 2.1.  The sinusoidal potential ranges over several orders of magnitude 
of frequencies ( f )  (typically 10
4
 Hz to 10
–2
 H  , wh         πf.  The applied sinusoidal 
potential gives a sinusoidal current response, Figure 2.4, 
i   iampsi   t               (2.29) 
where iamp is the current amplitude and   is the phase shift    h  imp  a c , Z   , of th  
system is determined as function of the frequency of the sinusoidal potential input and 
measured sinusoidal current. 
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Z( t)   
 ampsi   t 
iampsi   t    
                                                                                                       
For the impedance relationship, if the current is in-phase with the pote tia      0°), then 
th     ct och mica    spo s  is pu   y   sistiv    If th  cu    t is out of phas      –90°), 
then the electrochemical response is purely capacitive, since for a capacitor the measured 
current is, 
i    
  
 t
   
 
 t
(   amp( t))       amp
 si   t 
 t
                                                      
    amp cos( t)   amp si   t–
π
 
  
 
Figure 2.4: Relationship between the input sinusoidal voltage across (a) a resistor and (b) 
a capacitor and the current output. 
Due to the phase shift, the impedance is expressed as a complex function of real, 
Z    , a   imagi a y, Z     , compo   ts  
Z( t)  
 ampsi   t 
iampsi   t    
  Z ( t)– Z    t  wh         –                                                 
where the resistance, Rx, contributes to the real component of the impedance and the 
capacitance, C, contributes to the imaginary component of the impedance. 
Z ( )    a   Z
  ( )  
 
  
                                                                                        
The absolute value of impedance, |Z   |, is given by, 
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|Z   |  Z( ) Z( )  Z ( )  Z  ( )  
  
      
    
   
                                                     
and the phase angle is given by, 
  a cta 
Z  ( )
Z ( )
 
 
    
                                                                                             
The relation of phase angle,|Z   |, Rx, and C in the complex plane is shown in Figure 
2.5.   
 
Figure 2.5: Relationship of real and imaginary components of impedance in a series one-
RC circuit. 
 
 
The impedance spectra are usually graphed in terms of a Nyquist plot or a Bode 
plot, Figure 2.6.  For a Nyquist plot, the real impedance component is plotted against the 
imaginary component and is often extrapolated to a semicircle.  For a Bode plot, which is 
composed of two graphs, the absolute impedance and phase angle are plotted as a 
function of frequency. 
Rx

 ωZ
ωC
1
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Figure 2.6: A (a) Nyquist plot and (b) Bode plot of a (c) one-time constant electrical 
equivalent circuit. 
  
 
The Nyquist and Bode plots can be used to provide information on how the 
system is behaving.  For example, for the circuit shown in Figure 2.6c, at very high 
frequencies there is no time for the charge to build up a capacitance, so the impedance is 
purely resistive, and specifically, the solution resistance, Rs, can be determined.  At very 
low frequencies the capacitive charge has time to build up and dissipate, resulting in 
impedance that is due to the total resistance of the system, i.e. Rs + Rfilm for the circuit in 
Figure 2.6c.  In between the low and high frequencies both resistive and capacitive 
components contribute to the impedance.  When there is more than one resistor-capacitor 
(RC) component in the circuit, the resistance and capacitance of individual components 
can be extracted from the impedance measurements as a fu ctio  of      
Quantitatively, an equivalent circuit model, which consists of a series of RC 
components, can be fit to the Nyquist and Bode plots.  Once an appropriate, and generally 
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simplest, model is determined, the individual elements of the circuit can be determined.  
The individual elements can provide information on oxide film resistance and 
capacitance, or charge transfer resistance and double-layer capacitance, which can be 
used to further calculate parameters such as oxide film thickness and electron transfer 
rates. 
 
2.3 SURFACE ANALYSIS 
2.3.1 Scanning Electron Microscopy  
Scanning electron microscopy (SEM) is primarily used to investigate surface 
topography.  A high resolution electron beam is directed onto the sample surface and the 
scattered electrons are detected.  Samples are in a vacuum chamber in order to give both 
incident and resulting electrons free passage from the source to the sample and the 
sample to the detector.  The incident electrons typically have an energy ranging from a 
few hundred eV to 40 keV.  They are focused by one or two condenser lenses into a beam 
with a very fine focal spot, sized 0.4 to 5 nm.  The beam passes through pairs of scanning 
coils or pairs of deflector plates which deflect the beam either horizontally or vertically 
so that a raster scan can be used to image a rectangular area of the sample [15]. 
When a sample surface is subjected to a focused beam of electrons, various 
processes can occur.  Incident electrons can interact with the atoms on or very near, the 
surface of the sample and eject secondary electrons.  These are lower in energy than the 
incident beam and only arise from the top few nanometers of the sample surface.  
Secondary electrons are used to study the sample topography.  Due to varying distances 
from the detector, secondary electrons from areas of higher points on the sample surface 
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are more likely to be detected than electrons from lower points.  The varying levels of 
detection results in a brightness contrast in the image that gives the micrograph depth 
perspective.   
 
2.3.2 Transmission Electron Microscopy 
 Transmission electron microscopy (TEM) is used to study the microstructure and 
crystal structure of samples [16].  The TEM operates under the same principles as a light 
microscope, but uses electrons instead of light, and therefore, samples must be thin 
enough to transmit electrons (typically 20-200 nm).  As in SEM, the samples must be 
under vacuum.  A TEM is composed of an electron source, producing a standard energy 
of 100 keV, two condenser lenses to focus and adjust magnification, and magnetic coils 
to align the electron beams.  Akin to a light microscope, in which the resolution is limited 
by the wavelength of the light, TEM resolution is limited by the wavelength (de Broglie 
wavelength) of the electron.  The standard electron energy of 100 keV electrons 
corresponds to a wavelength of 37 pm, which is roughly 50 times smaller than neighbor 
separations in crystals [16]. 
 A series of imaging methods are possible with TEM, with the most common 
mode being bright field imaging.  In this mode, the brightness of the image is determined 
by the level of interaction (diffraction) of incident electrons with the sample.  Thicker 
areas will appear dark and areas with no sample presence allow for the electron beam 
path to pass through creating a bright image.  
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2.3.3 X-Ray Photoelectron Spectroscopy 
X-ray photoelectron spectroscopy (XPS) is a quantitative spectroscopic technique 
that can measure the elemental composition, empirical formula, chemical state, and 
electronic state of the elements that exist within a material.  Spectra are obtained by 
irradiating a material with X-rays and measuring the kinetic energy (KE) and number of 
electrons that are ejected as a result.  Photoelectron spectroscopy is based on a single 
photon/electron ejection process.  Adsorption of an X-ray, of known energy, by an atom 
on the sample surface leads to the ejection of a single electron from the inner shell of the 
atom, and the resulting kinetic energy of the ejected electron is analyzed. 
     h  –   –           (2.36) 
where BE is the binding energy of the electron in the atom that is ionized, h is the Planck 
constant,  is the frequency of the X-ray, KE is the kinetic energy of the emitted electron, 
and is   the work function [16].  The work function is a combination of the sample work 
function and the work function induced by the spectrometer.  The sample work function 
is the minimum amount of energy required to move an electron from the Fermi level of 
the sample into vacuum.  From the measured kinetic energy, the binding energy of the 
emitted electron is calculated using equation 2.36 (with knowledge of h and  ) [16]. 
A typical XPS spectrum is a plot of the measured photoelectron intensity as a 
function of the binding energy of the electrons detected.  Each element produces a set of 
XPS peaks or lines at characteristic binding energy values.  The varying binding energies 
of a particular element, for example iron, can be useful in determining the varying 
oxidation states of the elements present.  The sizes of the peaks are directly related to the 
amount of a particular element within the sample volume that is irradiated. 
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2.3.4 Raman Spectroscopy 
Raman spectroscopy is a surface analytical method used to probe the composition 
of materials that are Raman active.  The instrumentation of the Raman spectrometer 
consists of a laser source, a sample-illumination system and a suitable detector.  Raman 
spectroscopy detects induced changes in the polarizability of the electron cloud around a 
molecule following an interaction of the molecule with light [17].  Most of the 
interactions results in elastic, or Rayleigh scattering.  However, a small fraction of the 
interactions results in inelastic scattering.  If the molecule absorbs the incident photon, is 
excited to a virtual energy state and relaxes to a higher than initial vibrational state, the 
scattered photon will have a lower energy than the energy of the incident photon, for 
what is called Stokes scattering.  Also, if the molecule was initially in a high vibrational 
energy state and then excited to a virtual energy state by absorption of a photon, followed 
by return to a lower vibrational state, the energy of the scattered photon is larger than that 
of the incident light, resulting in what is called Anti-Stokes scattering.  The relative ratio 
of Stokes and Anti-Stokes scattering is proportional to temperature, as regulated by the 
Boltzmann distribution. 
The energy between the incident and scattered light appears as a frequency shift 
between the scattered light frequency,  , and the excitation frequency,  .  The 
relationship between these frequencies and the vibrational energy is given by 
h    h      vib atio                      (2.37) 
where Δ vibration is the energy gap between the two vibrational levels that is involved in 
the transition.  It is th  Δ vibration that is examined in Raman spectroscopy.   
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For a transition to be Raman active, the molecule must possess constant 
polarizability, the ability to deform the electron cloud with respect to the vibrational 
coordinate.  The polarizability will determine the Raman scattering intensity, whereas the 
Raman shift is equal to the energy gap between the two vibrational levels that are 
involved in the transition [17].  A benefit of Raman spectroscopy for corrosion based 
studies is that water has weak Raman scattering and therefore analysis can be performed 
in-situ or without interference from an incompletely dried sample.  Raman spectroscopy 
also has the advantages of using visible light and being easily combined with an optical 
microscope.  It does have disadvantages of long acquisition times and since it is difficult 
to normalize, it does not have the quantitative advantage of techniques such as XPS. 
 
2.4 EXPERIMENTAL PROCEDURES 
 The following describes general experimental procedures that were used in 
multiple chapters.  Unique experimental techniques, procedures, and equipment are 
described in individual chapters. 
 
2.4.1 Electrochemical Cell 
 A three-electrode cell, consisting of a reference electrode, a Pt mesh counter 
electrode and a carbon steel working electrode, was used.  In the case of all experiments 
conducted outside of the radiation environment, the reference electrode used was a 
saturated calomel electrode (SCE) (Fisher Scientific), whereas for radiation experiments 
a Hg/HgO reference electrode (Radiometer Analytical) in 1.0 M KOH solution was 
employed.  The Hg/HgO electrode has been found to be more resistant to radiation than 
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the SCE or Ag/AgCl electrode, and has a potential of 0.112 V versus SHE.  All potentials 
are quoted on the SCE scale (0.242V vs. SHE).  The working electrode in all experiments 
was A516 Gr70 carbon steel, purchased from Goodfellow (in wt%: C, 0.23; Mn, 1.05; Si, 
0.32; Al, 0.04; P, 0.015; S, 0.008; balance Fe).  The carbon steel electrode was set in an 
epoxy resin within polytetrafluoroetheylene (PTFE) cylinders so that only the flat front 
face was exposed to the solution in the cell.  Prior to each experiment, the working 
electrode was polished manually with 400 and 600 grit silicon carbide papers, followed 
by polishing on a Texmet microcloth (Buehler) with a 1 m MetaDi Supreme diamond 
paste suspension (Buehler), and lastly sonicated in an acetone/methanol mixture for 
5 min to remove polishing residues. 
 A Solartron potentiostat (either model 1480 or 1287) and model 1252 frequency 
response analyzer were used in all electrochemical measurements.  Corrware
TM 
and 
Zplot
TM
 software (Scribner and Associates) were used for experiment control and data 
analysis.  EIS was performed by applying a 10 mV sinusoidal potential stimulus, either at 
ECORR, or EAPP.  The frequency was varied over the range 10
4
 Hz to 10
2 
Hz or 10
3
 Hz.  
A second frequency scan consisting of measurements at several frequencies spanning the 
same range was then acquired to verify that the electrode surface remained at steady state 
over the course of the EIS measurement.  Linear polarization measurements were 
performed by scanning the potential from ECORR to –0.015 V vs. ECORR, then to +0.015 V 
vs. ECORR, and finally back to ECORR, at a rate of 0.17 mVs
–1
. 
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2.4.2 Surface analytical instrumentation 
Carbon steel surfaces were regularly analyzed by SEM, XPS, and Raman 
sp ct oscopy.  The SEM was performed using an Hitachi S-4500 field emission SEM in a 
high resolution mode.  The XPS was performed using a KRATOS Axis Ultra 
spectrometer using monochromatic Al Kα radiation operating at 150 W, with a base 
pressure of 10
–8
 Pa.  A low resolution survey was obtained with a pass energy of 160 eV 
and a step size of 0.7 eV over a range from 0 eV to 1100 eV.   h  sp ct a w    ca ib at   
by s tti g th  mai   i   fo  th   - s sp ct um of a v  titious ca bo  to  8  8  V    High 
  so utio  sp ct a w    obtai    usi g a pass     gy of     V a   a st p si   of       V 
ov   th    - p         V ±      V ,  - s         V ± 8    V  a    - s   8     V ± 8   
 V    gio s  The high resolution spectra were deconvoluted using standard peaks 
generated from reference materials.  All XPS spectral analyses were performed using 
CasaXPS software (version 2.3.14).   ama  sp ct a w    ta    usi g a    ishaw mo    
      ama  sp ct om t   with a     s   iot    mW H N   as   at      m   
 
2.4.3 Solution Analysis 
The aqueous phase was analyzed by UV spectrophotometry for hydrogen 
peroxide.  All spectrophotometric measurements were performed using a diode array UV 
spectrophotometer (BioLogic Science Instruments).  The hydrogen peroxide analysis was 
performed immediately after the termination of irradiation to minimize any thermal 
decomposition of H2O2 in the solution.  The concentration of hydrogen peroxide was 
determined by the Ghormley tri-iodide method [18, 19].  In the presence of ammonium 
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molybdate catalyst, I

 is oxidized to I3

 by H2O2, which has a maximum absorption at 
350 nm with a molar extinction coefficient of 25500 M
1cm1. 
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Chapter 3 
 
Oxide Growth and Conversion on Carbon Steel as a Function of Temperature Over 
25 and 80 °C under Ambient Pressure 
 
 
3.1 INTRODUCTION 
It is well established that the chemical nature and morphology of surface oxide 
films and deposits is an important parameter in controlling the steel corrosion rate.  While 
iron and carbon steel corrosion has been studied extensively many uncertainties over film 
composition, phase structure and surface morphology that affect corrosion kinetics still 
persist [1-16]. 
Detailed room temperature studies on the oxide film growth and conversion as a 
function of electrode potential under both potentiodynamic and potentiostatic conditions 
[12, 13, 15] have established that there are three distinct potential regions for anodic 
oxidation and film growth on carbon steel at pH 10.6. 
This Chapter examines the effect of temperature on oxide film growth and 
conversion as a function of potential in a temperature range between 25 °C and 80 °C at 
pH25C = 10.6 using primarily electrochemical techniques.  This temperature range was 
chosen since the electrochemical measurements can be carried out under ambient 
pressure, thus allowing more accurate in-situ measurements to probe surface oxidation 
and corrosion kinetics in detail.  Also, this study aims to establish an overlap with other 
analyses.  Chapter 8 discusses some electrochemical studies that were performed in a 
temperature range of 100 °C to 280 °C and Chapters 5 and 6 discuss parallel surface and 
chemical analysis studies on carbon steel coupons in leak-tight vials in a temperature 
range of 80 °C to 150 °C.  By combining the ex-situ surface analyses and electrochemical 
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analyses over partially overlapping temperature ranges there is a hope to develop a 
consistent interpretation of the mechanism and provide a technical basis for extrapolation 
of the results to wider conditions that may not be easily achieved in laboratory. 
For this study, one of the processes that can significantly influence high 
temperature corrosion is the Schikorr reaction, a thermal oxidation reaction of Fe
II
 
hydroxide/oxide to magnetite [17].  Since this reaction is known to occur at temperatures 
as low as 70 °C, the effect of this reaction on the corrosion mechanism on carbon steel 
can be observed in the studied temperature range.   The oxide film growth and conversion 
kinetics in the temperature range were followed by various electrochemical and ex-situ 
surface analyses.  The results of the electrochemical study are discussed in detail and 
only limited surface analyses are presented here. 
 
3.2 EXPERIMENTAL 
3.2.1 Solutions 
All experiments were conducted in Ar-sparged 0.01 M sodium borate solutions.  
The Ar (PRAXAIR) was 99.999% purity.  The solutions were prepared using reagent 
grade Na2B4O7•10H2O (Caledon Laboratories Ltd.) and water purified using a 
NANOpure Diamond UV ultra-pure water system (Barnstead International) with a 
resistivity of 18.2 M·cm.  Reagent grade NaOH (Caledon Laboratories Ltd.) was added 
drop-wise to the solutions to adjust the pH.  All experiments were conducted at a pH25°C 
of 10.6.  Solution temperatures were controlled with a cycled water bath and a thermal 
jacket on the exterior of the electrochemical cell.  Solutions were pre-heated to the 
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desired temperature before the working electrode was added to the cell and experiments 
began. 
 
3.2.2 Procedure 
 After polishing, the working electrodes were rinsed with deionized water and 
placed in the electrochemical cell which had been sparged with Ar gas for at least 1 h to 
purge any oxygen from the solution.  Electrochemical experiments then began with 
cathodic cleaning at –1.1 VSCE for 5 min to remove any residual air-formed oxides on the 
working electrode, thereby creating a reproducible starting condition for all experiments.  
Following cathodic cleaning, two types of experiments were performed, cyclic 
voltammetry and 7 d potentiostatic film growth.  All CVs were performed between the 
potential limits of –1.1 VSCE and 0.4 VSCE at a scan rate of 5, 1, or 0.17 mVs
–1
.  The 
dependence of CVs on temperature and pH was investigated.  For the potentiostatic 
experiments, immediately following cathodic cleaning, the electrode was anodized at an 
EAPP of –0.7 VSCE, –0.2 VSCE, or 0.2 VSCE with the intention of generating oxide films 
with different compositions and properties.  EIS was recorded at regular intervals during 
the 7 d potentiostatic experiments. 
 
3.3 RESULTS AND DISCUSSION 
3.3.1 Cyclic Voltammetry 
 Cyclic voltammetry was performed on carbon steel in Ar-purged 0.01 M borate 
solution at pH25°C = 10.6 at four different temperatures, 25 °C, 50 °C, 70 °C, and 80 °C.  
The effects of scan cycling and potential-scan rate were examined at each temperature.  
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At a given temperature and scan rate, the current peaks appeared at the same potentials, 
albeit different intensities.  Exceptions are the first cycles, whose voltammograms show 
very different behaviour from those of the subsequent cycles.  This difference was larger 
at a faster scan rate (Figure 3.1 versus Figure 3.2).  The singular first cycle behaviour is 
attributed to the fact that the oxidative dissolution of iron can be significant prior to the 
formation of a uniform layer of a magnetite (Fe3O4)-like oxide.  Magnetite can be formed 
on carbon steel at relatively low potentials (> –0.95 VSCE at pH 10.6, Figure 3.3) [18].  
Nevertheless, the Fe3O4 formation on a freshly prepared electrode surface requires some 
time and competes with Fe
II
 dissolution from a bare metal surface.  It is believed that 
these competing processes lead to the observations of the first cycle.  Subsequent cycles 
are the same because the surface has an established Fe3O4 layer. 
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Figure 3.1: (a) Third and (b) first cycles of cyclic voltammograms recorded on carbon 
steel in Ar-sparged 0.01 M borate solution at pH 10.6.  Cycles were recorded from –1.1 
VSCE to 0.4 VSCE to –1.1 VSCE at a scan rate of 5 mVs
–1
.  The arrow represents the 
direction of change when temperature increased from 25 °C to 50 °C, 70 °C, and 80 °C.  
See the text for the description of the labeled anodic and cathodic peaks. 
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Figure 3.2: Cyclic voltammograms recorded on carbon steel in Ar-sparged 0.01 M borate 
solution at pH 10.6 at (a) 25 °C, (b) 50 °C, (c) 70 °C, and (d) 80 °C.  Shown are the scans 
as a function of five consecutive cycles (–1.1 VSCE to 0.4 VSCE to –1.1 VSCE) recorded at a 
scan rate of 0.17 mVs-1.  The arrows show the direction of change as the number of 
cycles increased from 2 to 3, 4, and 5. 
 
 
 Studies at 25 °C have shown that, once formed on pure iron or carbon steel, Fe3O4 
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Fe3O4 reduction to Fe
II
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0
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subsequent cycles can aid the interpretation of the electrochemical oxidation mechanism 
as a function of potential, the current observed during the first scan does not reflect the 
corrosion behaviour of carbon steel that has been in contact with water for any length of 
time, and the remaining discussion focuses mainly on the CVs of the subsequent cycles. 
 The CVs obtained during the 2
nd
 to 5
th
 cycles show at least four distinct anodic 
current peaks, labeled as A1, A2, A3'/A3 and A4 in Figure 3.1.  This labeling scheme 
was based off  previous studies [12-15].  Peak A2 was not prominent at room temperature 
and was not characterized previously [12].  The CVs presented in Figures 3.1 and 3.2 
show that the positions of anodic current peaks did not vary with cycling, scan rate or 
temperature, except for a small shift of peak A1 to a lower potential at a higher 
temperature and at a slower scan rate.  On the other hand, the current density of all of the 
peaks varied with the scan parameters and temperature.  Equilibrium potentials of redox 
reactions on carbon steel (shown in Figure 3.3) [18] are not as temperature sensitive as 
dissolution and other transport processes that have strong temperature dependences.  
Since the anodic current is the sum of the rates of oxidative dissolution and oxide growth 
and these rates have different temperature dependences, the CVs obtained as a function of 
temperature and scan conditions can provide information on the nature of the oxide 
formed as a function of electrode potential. 
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Figure 3.3: Calculated equilibrium potentials for various iron redox reactions on the 
electrochemical potential scale; where the equilibrium potentials are indicated by vertical 
lines and the potential values are those at pH 10.6 and 25 ºC.  The three oxidation 
potential regions are also indicated. 
 
 
3.3.1.1 Anodic Peak A1 
This peak is observed at potentials where the base metal, Fe
0
, can oxidize to Fe
II
 
oxide/hydroxide and then to Fe3O4, as shown with the equilibrium potentials of the iron 
redox reactions in Figure 3.3.  At a given temperature, the electrochemical oxidation of 
Fe
II
 oxide/hydroxide to a Fe3O4-like oxide occurs at a faster rate at pH 10.6 than at 
neutral pH due to the much lower solubility of Fe
II
 species at pH 10.6 [12].  At pH 10.6 
the rate of deposition of the nearly insoluble Fe3O4-like oxide is fast relative to the Fe
II
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dissolution, leading to formation of a uniform layer of the inverse spinel oxide [14]. The 
oxide formed on carbon steel is termed as a Fe3O4-like oxide since it is likely to have 
gradients of Fe
II
 and Fe
III
 concentrations within the oxide lattice, compared to the uniform 
distribution of Fe
II
 and Fe
III
 in a pure Fe3O4 lattice [19].   
Oxide growth on a uniform and compact layer requires charge transport through 
the solid phase.  The exact mechanism of the charge transport in a spinel or any general 
oxide is still debated [20, 21].  For the oxide grown under the test conditions, it is 
proposed that once a uniform layer of Fe3O4-like oxide is formed, the oxide layer grows 
by electrochemical oxidation processes consisting of injection of Fe
II
 into the oxide 
lattice at the metal/oxide interface and oxidation of Fe
II
 to Fe
III
 at or near the oxide/water 
interface.  The accompanying reduction processes consist of water reduction to H2 and 
O
2-
 injection into the oxide lattice at the oxide/solution interface.  The Fe
II
 injected at the 
metal/oxide interface is either oxidized to Fe
III
, incorporated into the oxide lattice or 
dissolved into the aqueous phase.  Any Fe
III
 formed is also either incorporated into the 
oxide lattice or dissolved in the aqueous phase.  A net migration of Fe
II
 occurs from the 
metal/oxide to oxide/water interface.  This is assisted by electron hopping between the 
Fe
II
 and Fe
III
 sites in the oxide lattice.  This mechanism for oxide growth will be referred 
to as “solid-state growth” as opposed to the growth by dissolution and precipitation, and 
is schematically illustrated in Figure 3.4.   
79 
 
 
Figure 3.4: Simplified schematic of the oxide/solution interface and electron hopping 
between Fe
II
 and Fe
III
 sites in the spinel structure.  For simplification, O
2-
 is not shown in 
the schematics of the oxide. 
 
 
The conversion of Fe
II
 to Fe
III
 accompanied by oxide injection at the oxide/water 
interface is limited to oxidation to Fe3O4 in the potential region of peak A1.  Once the 
surface is covered with a uniform Fe3O4-like layer, dissolution of iron occurs at the 
oxide/water interface and involves surface hydration of Fe
II
 and Fe
III
 followed by 
diffusion of the hydrated species away from the interface into the bulk aqueous phase.  
Due to the hydration, the surface of the Fe3O4 is most likely a mixed hydroxide 
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xFe
III
y(OH)z.  This layer could not positively be identified in this study.  However, in 
surface analysis studies at 80 °C and 150 °C (Chapters 5 and 6), the results did suggest 
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The electrochemical oxidation mechanism proposed above for peak A1 is 
consistent with all of the observations.  The current density of peak A1 generally 
increased with an increase in temperature and this can be attributed to an increase in 
hydration and dissolution of Fe
II
 (and Fe
III
 to a smaller extent) from the Fe3O4 surface.  
The dependence of the current density on scan cycling was, however, different at 
temperatures  70 °C from that at lower temperatures and particularly so at slow scan 
rates.  At scan rates ≤ 1 mVs–1, peak A1 increased with cycling, with the largest increase 
occurring from cycle 2 to cycle 3 at lower temperatures, but it decreased with each cycle 
at temperatures  70 °C.  By comparison, peak A3, whose behaviour is discussed later, 
increased with cycling at all temperatures.  The effect of temperature on the dependence 
of peak A1 on cycling (from the 2
nd 
cycle and onwards) can be explained as follows.  
Although the Fe3O4-like layer thickened with cycling, the Fe3O4 film would still be 
relatively thin at temperatures below 50 °C.  Due to the conductive nature of Fe3O4, the 
charge transport through the oxide layer from the metal/oxide to the oxide/water interface 
would not be the rate determining step for the electrochemical oxidation of base metal to 
Fe3O4.  The inverse spinel structure of Fe3O4 can accommodate ion transport due to its 
spacious lattice structure, although the exact mechanism may still be debated.  In 
addition, Fe
II
 and Fe
III
 occupy the same octahedral sites in Fe3O4, further facilitating 
charge transport.  In addition, the thickness of the Fe3O4 layer should have little effect on 
iron dissolution since the dissolution is limited by the hydration and diffusion of Fe
II
 
species at the oxide/water interface.  This would result in very little change in the current 
density upon cycling at the potential range of peak A1.   
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Above 50 °C (tests at 70 °C and 80 °C) the Fe3O4-like layer thickens upon cycling 
due to thermally promoted oxidation of Fe(OH)2 to Fe3O4 by a process known as the 
Schikorr reaction [17, 22]:  
 3 Fe(OH)2    Fe3O4  +  H2  +  2 H2O         (3.1) 
The Schikorr reaction would accelerate not only the deposition of a uniform layer of 
Fe3O4 on a bare metal surface at low potentials, but also minimize the dissolution of 
hydrated Fe
II
 species from the Fe3O4 surface.  The net result is thickening of the Fe3O4 
layer. With a thicker oxide layer, the charge transport from the metal/oxide interface to 
the oxide/water interface is slower and it becomes a contributing factor in determining 
the rate of electrochemical oxidation.  This results in a decrease in the current density of 
peak A1. 
 
3.3.1.2 Anodic Peak A2/Cathodic Peak C3   
The current densities of anodic peak A2 and the corresponding cathodic peak C3 
were very small and, as a result, often not visible when peaks A1 and A3 (or C2) were 
prominent, particularly at higher numbers of scan cycles and at higher temperatures, 
Figure 3.2.  At lower numbers of cycles (2
nd
 and 3
rd
), the current density of peak A2 
decreased with an increase in peak A1.  These observations suggest that the process 
responsible for this peak is the anodic oxidation of an adsorbed layer of hydrated Fe
II
 
species at the oxide/water interface, such as:   
 Fe(OH)2 on Fe3O4 surface   +   OH

        FeOOH    +   H2O   +   e
 
           (3.2)   
The oxidized species is likely an undetermined oxyhydroxide phase.  While the oxidation 
of Fe(OH)2 to α-FeOOH is thermodynamically feasible at this potential, it has been 
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shown to be a relatively slow process [23] and cannot compete with the oxidation to 
δ-FeOOH.  The formation of δ-FeOOH, which has an equilibrium potential of 
approximately –0.7 VSCE at pH 10.6 determined from free energies [24], is kinetically 
more favourable due to its isostructure to Fe(OH)2 and the formation of δ-FeOOH in high 
pH solutions has been confirmed by Raman spectroscopy [25].  -FeOOH may also be 
forming at this potential, however the relative kinetics are not clear.  The importance of 
this oxidation to the corrosion kinetics of carbon steel is likely to diminish with increases 
in time and temperature.  The corresponding reduction peak, C3, was only visible in 
instances when peak A2 was clearly visible, for example, at T ≥ 50 °C at a scan rate of 
5 mVs-1 (as seen in Figure 3.1a).  
 
3.3.1.3 Anodic Peaks A3’ and A3/Cathodic Peaks C1 and C2 
 Room temperature studies [12] have shown that the anodic peaks A3’ and A3 on 
the forward scan are associated with two cathodic peaks C2 and C1, respectively, 
observed on the reverse scan (see Figures 3.1 and 3.2).  Peak A3’ labels the sharp current 
peak at the more negative potential while A3 is the broader peak at a more positive 
potential.  For the cathodic peaks, C2 labels the peak at the lower potential and C1 the 
peak at the higher potential.   
 The separation of peaks A3’/A3 was less pronounced at a higher scan rate and at a 
higher temperature.  This study also shows that the temperature dependence of A3
’
/C2 
was very different from that of A3/C1.  While the anodic peak A3’ and its corresponding 
cathodic peak C2 became negligible at temperatures > 70 °C, peak A3 broadened 
significantly with increasing temperature.  This is consistent with the mechanisms 
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previously proposed based on room temperature studies [12] where the broader peak A3, 
coupled with the larger reduction peak C1 at approximately –0.55 VSCE, is due to the 
oxide-phase conversion from a more Fe3O4-like phase to a more maghemite (-Fe2O3)-
like phase.  The sharper peak A3’, coupled with the smaller reduction peak C2 at             
–0.7 VSCE, is attributed to the anodic conversion of the surface layer of the Fe3O4 phase.  
Considering the potential for peak A3’, the oxidation is most likely that of a mixed 
hydroxide that had been formed at the lower potentials, leading to the formation of a few 
monolayers of an Fe
III
 oxide/hydroxide.   
 Magnetite and maghemite share the same inverse spinel structure which consists 
of cubic close packing arrays of oxide ions with cations in the octahedral and tetrahedral 
interstices [19].  Both oxides have nearly the same distance between two adjacent O
2–
 
ions (0.295 nm) and the same unit cell dimensions.  Maghemite can be considered to be 
Fe
II
 deficient Fe3O4 or conversely Fe3O4 can be considered to be -Fe2O3 doped with Fe
II
.  
The conversion between Fe3O4 and -Fe2O3 is thus be nearly reversible, and this 
reversibility can be better seen at higher temperatures when peak A3 is much larger than 
peak A3’.   
 Peak A3, and the corresponding cathodic peak C1, broadened with increasing 
temperature, Figure 3.1a.  The oxidative conversion of the Fe3O4 to the -Fe2O3 phase 
also requires charge transport through the solid phase for the growth of the Fe3O4-like 
oxide.  A similar mechanism is proposed for the Fe3O4 growth in the potential range of 
peak A1, but with some key differences.  These differences arise from the fact that in the 
higher potential region of peak A3 the Fe3O4-like oxide at the oxide/water interface can 
be further oxidized to the more -Fe2O3-like oxide.  Charge transport through a pure 
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-Fe2O3 phase is much slower than through a Fe3O4 since it requires the migration of a 
Fe
III
 cation vacancy and this limits the rate of further growth of the oxide layer.  Injection 
of Fe
II
 into the oxide layer at the metal/oxide interface, oxidation of Fe
II
 to Fe
III
 at the 
oxide/water interface, and the charge transport assisted by electron hoping between the 
two cation sites can still occur.  However, as the outer layer becomes more oxidized, the 
ratio of Fe
II
/Fe
III
 decreases and the rate of charge transport via electron hopping 
decreases.  The Fe
II
 to Fe
III
 conversion front moves from the oxide/water interface further 
into the inner Fe3O4-like layer, broadening the Fe3O4 and -Fe2O3 interface.  In this 
proposed mechanism (illustrated in Figure 3.4) a net migration of cations still occurs 
from the metal/oxide to the oxide/water interface while the Fe
III
 front within the oxide 
layer shifts toward the metal/oxide interface as more Fe3O4 is converted to -Fe2O3.  With 
the formation of Fe
III
 from Fe
II
, the concentration of interstitial Fe
II
 would decrease in the 
two oxide phases and the overall ionic transport rate would decrease.  Once a layer of 
mostly Fe
III 
oxide forms on the surface, the carbon steel exhibits passivity. 
 The broadening of peak A3 with increasing temperature and the near reversibility 
of the process responsible for peaks A3 and C1 are consistent with the proposed 
mechanism.  With this mechanism, the amount of the Fe
II
 to Fe
III
 conversion will depend 
on the thickness of the inner Fe3O4-like layer that has been formed prior to the oxidation 
to -Fe2O3.  Thus, the net rate of charge transport will also be a function of temperature 
since it will depend on the concentrations of Fe
II
 and Fe
III
 and their distribution within the 
oxide lattice.   
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3.3.1.4 Anodic Peak A4 
 Peak A4 is associated with the broad peak that appears at potentials above            
–0.1 VSCE.  The current in this region was nearly constant with potential.  The effect of 
temperature on the current is difficult to discern due to the large contribution of peak A3.  
In this potential region, anodic conversion of the -Fe2O3-like layer (Fe3O4/γ-Fe2O3) to 
γ-FeOOH is possible (see Figure 3.3) and this can lead to structural changes that can 
induce micro-fracture.  In the presence of aggressive anions the micro-fractures can lead 
to pitting, but in the absence of aggressive anions the surface quickly repassivates and 
forms a thicker but defective (or porous) oxide film [12, 13]. 
 
3.3.1.5 Potential Regions of Film Growth and Conversion 
 The above CV analyses show that from the perspective of oxide film growth and 
conversion, division of the potential into three regions as defined in previous studies at 
room temperature continues to be appropriate at the higher temperatures.  The oxide 
growth and conversion in each region at pH25C 10.6 can be summarized as follows.  In 
Ox I (–0.9 VSCE <  E  < –0.6 VSCE) a uniform layer of Fe3O4-like spinel oxide is formed 
and grows by a solid state charge transport mechanism as schematically presented in 
Figure 3.4.  Dissolution increases with temperature.  However, at temperatures > 70 °C, 
the Schikorr reaction accelerates the conversion of the hydrated species to Fe3O4.  In Ox 
II (–0.6 VSCE < E < 0.0 VSCE) the Fe3O4 layer continues to grow, but the potential is high 
enough to convert a Fe3O4-like layer to a more -Fe2O3-like layer [12, 15].  Oxide growth 
and conversion in this region also occur by a solid-state charge transport mechanism, 
Figure 3.4.  In this region, the oxide growth is rather limited and the anodic current is 
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used for oxide phase conversion.  In Ox III (0 VSCE < E < 0.4 VSCE) anodic conversion of 
the Fe3O4/γ-Fe2O3 oxide to γ-FeOOH can induce micro-fracture but, in the absence of 
aggressive anions, the surface quickly repassivates.  The oxide layer can grow by 
continuous film fracture and repassivation, producing a thicker but defective (or porous) 
oxide film on a Fe3O4-like base layer [12, 13]. 
 
3.3.2 Current Behaviour During Potentiostatic Film Growth and EIS Analysis 
The film growth and conversion as a function of temperature were further 
investigated under potentiostatic conditions.  Three potentials, one from each potential 
region; –0.7 VSCE (Ox I), –0.2 VSCE (Ox II) and 0.2 VSCE (Ox III), were investigated.  
While applying a potential the current was monitored as a function of time, Figure 3.5.  
Periodically EIS was performed to characterize the oxide film present on the electrode.  
The current behaviour is discussed first. 
87 
 
 
Figure 3.5: Log current vs. log time during potentiostatic film growth at (a) –0.7 VSCE, 
(b) –0.2 VSCE, and (c) 0.2 VSCE. 
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 At all temperatures and all applied potentials, the current observed was initially 
high at ~ 1 mAcm–2 and remained at that level for a few seconds.  When there is a 
sudden potential jump, electrical measurements can be distorted by an iR effect.  
Nevertheless, the high current values and their increase with temperature, although small, 
strongly indicate that a significant oxidative dissolution from a freshly polished surface is 
occurring.  A sudden drop in current occurred after approximately 2 s at –0.7 VSCE and at 
longer times for the higher applied potentials.  These changes may all be attributed to the 
iR effect, but another possibility is that iron species have concentrated at the metal/water 
interface and were then deposited as an oxide or hydroxide layer leading to a more 
resistive surface.  
 The sudden drop in current was then followed by a steady decrease in current with 
time.  The temperature dependences of the current behaviour in this period at the three 
different potentials are consistent with the proposed film growth and conversion 
mechanisms based on the CV analysis discussed.    
 
3.3.2.1 Current Behaviour at –0.7 VSCE in Ox 1 
 At room temperature, the logarithmic plot of current versus time was nearly 
linear, indicating linear film growth of mainly one type of oxide, Figure 3.5a.  This is 
consistent with the formation of a Fe3O4-like oxide in Ox I.  At approximately 200 s, the 
current switched signs, becoming cathodic.  The catholic currents quickly reached a 
steady state value and remained constant at approximately 10
–6
 Acm–2 over the 7 d 
potentiostatic experiments.  Magnetite is electronically conducting and, hence, its 
formation on carbon steel can continually support water reduction to H2.  The cathodic 
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current due to water reduction was present from the early stages of potentiostaic film 
growth on carbon steel.  However, as the oxide thickened and the anodic current 
decreased, the cathodic current from water reduction on the conducting surface 
dominated the current behaviour at longer times (> 200 s).  At a higher temperature the 
current value was higher and the current decreased more slowly with time, Figure 3.5a.  
These observations are attributed to an increase in the rate of dissolution of Fe3O4 and 
slowing of the growth of the Fe3O4 layer thickness.  The rate of decrease in current, 
however, accelerated again when temperature was raised to 80 °C.  As noted above, this 
is attributed to an increase in the rate of thermal conversion of Fe
II
 species to Fe3O4 by 
the Schikorr reaction.  This counters the iron dissolution process and increases the rate of 
oxide film growth.  At times > 1000 s, the net current decreased sharply at all 
temperatures.  At –0.7 VSCE, this rapid decrease is due to an increase in the contribution 
of cathodic current arising from water reduction to the net current.  The current 
eventually switched to cathodic and remained steady in the range of 50 - 500 nAcm–2.   
 The switch from anodic to cathodic current was not observed at the higher 
potentials where the current remained anodic over the 7 d long potentiostatic growth.  
These observations are consistent with the formation of a conducting Fe3O4 layer which 
can support water reduction. 
 
3.3.2.2 Current Behaviour at –0.2 VSCE in Ox II 
 Within the first 1000 s, at –0.2 VSCE the current decreased with time in a similar 
manner to that observed at –0.7 VSCE, but at a faster rate, Figure 3.5b.  This decrease, and 
a longer initial duration during which there was a high constant current, are attributed to 
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faster anodic oxidation at this potential compared to the behaviour at -0.7 VSCE.  
However, at times longer than 1000s, the current behaviour at –0.2 VSCE differed from 
that of –0.7 VSCE.  At 50 °C and 70 °C, the current became nearly constant over the 
period of 200 – 1000 s before it decreased linearly with time again.  This behaviour is 
attributed to an increase in the rate of dissolution of Fe
II
 from the conducting Fe3O4 layer.  
The dissolution current was approximately 2 µAcm–2 at 50 °C and would normally be 
expected to increase with temperature.  However, the rate of the Schikorr reaction also 
increases with temperature, at 70 °C and leads to thickening of the Fe3O4 layer.  This 
creates a more insulating and less soluble -Fe2O3 oxide layer that suppresses the 
dissolution current.   
 At –0.2 VSCE, the current remained anodic and continuously decreased until it 
reached a constant value, Figure 3.5b.  This steady-state current increased with 
temperature, ranging from 8 to 80 nAcm–2 for 25 °C to 80 °C.  As discussed above, the 
conversion of the Fe3O4 oxide layer to a more insulating -Fe2O3 layer reduces the rate of 
dissolution of Fe
II
 species from the oxide layer and suppresses electrochemical oxidation.  
As the conversion takes place, the anodic current decreases nearly linearly with time until 
the anodic current is limited by the dissolution current and becomes constant.  Since 
dissolution of metal ions from a uniform oxide layer involves hydration and diffusion of 
the metal ions, the observed temperature dependence can be attributed to the temperature 
dependence of the rates of hydration and diffusion of Fe from the oxide. 
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3.3.2.3 Current Behaviour at 0.2 VSCE in Ox III 
 The time dependent behaviour of the current observed at 0.2 VSCE was similar to 
that at –0.2 VSCE but with some differences.  These differences included a longer initial 
constant current period and a diminished influence of temperature on the rate of decrease 
in current.  These observations can be attributed to faster rates of anodic oxidation 
processes.  These include oxidation of Fe
0
 to soluble Fe
II
, then to Fe3O4 and then to a 
-Fe2O3-like oxide within a relatively short time scale of approximately 10
4
 s.  However, 
system temperature at 0.2 VSCE had a more pronounced effect on the current level 
reached at times >10
4
 s, with the current increasing from 1 nAcm–2 at 25 °C to 
200 nAcm-2 at 80 °C.  The increase in the long-term anodic current with increasing 
temperature can be explained by a film growth mechanism in this potential range that 
results in micro-fracture of the protective oxide layer due to the anodic conversion of the 
Fe3O4/γ-Fe2O3 oxide to γ-FeOOH, followed by repassivation of the film [12, 13].  This 
can lead to the formation of a defective film which can then grow at a faster rate at a 
higher temperature. 
 
3.3.3 Oxide Film Characterization by EIS         
After the current reached steady state, EIS was performed periodically starting at 
2.5 h to characterize the oxide film present on the electrode, Figures 3.6-3.11. 
 
3.3.3.1 Film Grown at –0.7 VSCE in Ox I 
 The EIS spectra recorded for the film grown at –0.7 VSCE did not change 
significantly over the course of the 140 h experiment and only those spectra taken at 35 h 
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at the four different temperatures are shown in Figure 3.6a.  The EIS at 25 °C shows 
one-time constant behaviour and an equivalent circuit composed of a resistor (R1) and a 
constant phase element (CPE1) representing the metal-oxide-water system in series with 
the solution resistance (see inset of Figure 3.7) was used to fit to the data.  The 
impedance of a CPE is often attributed to a distribution of time-constants [26], and it is 
defined as  
 CP    [ 0(  )
α]–1                                                                                              3.3) 
where Y0 is the CP  parameter, and the exponent α is independent of the frequency,  .  
The CP  has no simple physical meaning except for α   one; in this case, CPE represents 
capacitance and Y0   C.  When α is close to unity, the CP  parameter can be converted to 
an effective capacitance value by the formulas derived by Brug [27] or Hsu and Mansfeld 
[28].  The  values obtained for the EIS taken at various times during film growth and 
between experiments were all greater than 0.8.  Recently Hirschorn et. al. [29] showed 
that the analysis of Brug applies to a case when the time-constant distribution arises from 
spatial inhomogeneity, while the analysis of Hsu and Mansfeld is appropriate for the 
time-constant distribution arising from depth inhomogeneity.   
 At –0.7 VSCE the spatial inhomogeneity method developed by Brug et al. [27] was 
first applied, with an assumption that the capacitance arises from a double layer 
capacitance (see below).  Conversion of CPE to capacitance values using the Brug 
method involves the formula, 
C [ 0 (
1
 x
 
1
 s
)
 α 1)
]
1
α⁄
                                                                                     3. ) 
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where C is the capacitance in units sΩ–1 or F, Y0, the measured CPE parameter, is in 
units of s
αΩ–1 or Fs α–1), Rx the resistance in parallel with the capacitance in units of Ω, 
and Rs the solution resistance in units of Ω.  
 
 
Figure 3.6: Electrochemical impedance spectra for the films grown at (a) –0.7 VSCE, (b) 
–0.2 VSCE, and (c) 0.2 VSCE as a function of temperature after 35 h of film growth. 
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Figure 3.7: Equivalent circuit fitting results for the resistance and capacitance for 
potentiostatic film growth at –0.7VSCE and 25 °C as a function of time.  Inset is a single 
time-constant equivalent circuit fit to all EIS experimental data 
 
 
 The charge transfer resistance, R1, and the capacitance, C1, derived from the EIS 
taken as a function of time at 25 °C are presented in Figure 3.7, and CPE1 and the 
capacitance derived as a function of time at different temperatures is shown in Figure 3.8.  
At room temperature, the resistance increased with time from 0.8 to 1.2 MΩ·cm2 and the 
capacitance increased from 100 to 140 F·cm–2 over the 140 h test period.  At 
temperatures > 25 °C large extrapolations were made to determine R1, resulting in errors 
of ~ 15% and highly scattered data (results not shown).  However, within error, all R1 
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water reduction.  The high resistance can then be attributed to arising from charge 
transfer at the oxide/solution interface and not from charge transport in the electronically 
conducting, but ionically less conducting Fe3O4-like layer at this potential. 
 
 
Figure 3.8: Equivalent circuit fitting results of (a) constant phase element CPE1 and (b) 
capacitance of films grown at –0.7 VSCE, for all temperatures studied, as a function of 
time. 
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70 °C and 80 °C.  The surface morphology of the film grown at 0.7 VSCE at 80 °C 
observed by SEM, shown in section 3.3.4 later, suggests that the surface roughness did 
not increase appreciably when temperature increased from 25 °C to 80 °C.  At 25 °C, the 
oxide layer was very thin and the polish marks were visible (SEM image not shown).  
Therefore, such high capacitance values were attributed to processes other than surface 
roughening at the oxide/solution interface.  Mathematical models have shown that the 
introduction of a Faradaic process at the solution interface can greatly increase the double 
layer capacitance [31].  It has also been observed that inverse spinel oxides, and 
specifically Fe3O4, can increase a measured capacitance up to an order of magnitude [32-
34].  The observed capacitance increase is attributed to a pseudo capacitance, which can 
result from electron transfer between surface cations (Fe
II
/Fe
III
) coupled to processes such 
as transfer or adsorption/desorption (O
2–↔OH–) at the interface.  The origin of a pseudo 
capacitance depends on the system, but is generally accepted to arise from electron 
transfer between cation sites coupled with charge transfer to adsorbed or aqueous species 
[32-34].  Thus, it is reasonable to assume an existence of a pseudo capacitance on the 
Fe3O4 grown in Ox I.  The observed dependence of capacitance on temperature can then 
be explained if the Faradaic processes at the oxide/solution interface increase with 
temperature.  The existence of a pseudo capacitance also suggests the bulk oxide phase is 
relatively conductive [33], which further confirms the description of a uniform, 
electronically-conductive Fe3O4 formed in Ox I.  The discussion here must be treated as 
qualitative since the pseudo capacitance may require modeling beyond a 2D spatial 
description.  However, the relatively minor differences between the CPE values and 
capacitance values obtained using the method of Brug (Figure 3.8) indicate that the 
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capacitance values obtained by this method can still provide valuable and semi-
quantitative information. 
 
3.3.3.2 Film Grown at –0.2 VSCE in Ox II 
 The EIS spectra obtained in Ox II (Figure 3.6) were analyzed with the same 
single-time constant circuit as shown in Figure 3.7.  Since the capacitance (initially CPE) 
in this redox region was considered to be primarily due to the oxide film, the 2D spatial 
dispersion method developed by Brug could not be applied.  Instead a conversion method 
based on dispersion within on oxide film developed by Hsu and Mansfeld [28, 29] was 
applied to convert the derived CPEs to capacitances.  The mathematical conversion is 
performed with the following formula, 
C  0
1 α⁄
 x
 1 α) α⁄                                                                                                                    3. ) 
The exponential parameter, α, of the constant phase element ranged from 0.8  to 0.9 for 
all cases and therefore CPE values could be interpreted as capacitance values with the 
proper mathematical correction.  The best-fit results for both capacitance and resistance 
in Ox II are shown in Figure 3.9.  
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Figure 3.9: Equivalent circuit fitting results for the resistance and capacitance of films 
grown at –0.2 VSCE, for all temperatures, studied as a function of time. 
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the tests at all temperatures were in the range of 50 – 80 F·cm–2.  These values are 
considerably smaller than those observed at –0.7 VSCE, but they are similar to those 
previously reported for a passive film formed on iron in borate buffer solutions at 
potentials in the Ox II region [35] and they are in the range expected for the passive oxide 
film.  
These observations are consistent with the conversion of a Fe3O4-like layer to a 
more passivating -Fe2O3-like layer over time, Figure 3.4.  The large decrease in 
resistance seen with temperatures above 25 °C is attributed not to film breakdown, but 
rather to an increase in the rate of dissolution at the oxide/water interface with increasing 
temperature.  The change in the temperature dependences of the resistance and the 
capacitance at temperatures ≥ 70 °C are attributed to the increasing contribution of the 
Schikorr reaction at the interface and the suppression of the oxide dissolution rate.   
 
3.3.3.3 Film Grown at 0.2 VSCE in Ox III 
To analyze the EIS spectra of the films grown at this potential, Figure 3.6c, at 
least one additional resistance-capacitance component was required in the equivalent 
circuit.  This is consistent with the need to model the existence of a diffusion process and 
is also consistent with the formation of a defective or porous film.  As noted above, this 
film can be created by the conversion of the -Fe2O3-like oxide to γ-FeOOH (leading to a 
volume increase in the oxide, causing micro-fractures).  The diffusion component of the 
electric circuit may arise from the diffusion of redox species (Fe
3+
, Fe
2+
, H
+
 and OH

) in 
the pores or the diffusion of point defects within the film at the high potential of Ox III.   
A number of options for equivalent circuits to analyze the EIS spectra were considered 
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and two circuits shown in Figure 3.10 were chosen.  These both have an appropriate 
physical description of the oxide surfaces and interfaces and provided the best fits to the 
experimental data.  In the first model equivalent circuit, two RC components are 
connected in series to represent a film consisting of two different types of oxides.  The 
second model is a commonly used equivalent circuit for porous oxide films [36].  
Although both circuit models yielded reasonable fits, the second circuit model (Circuit 
2b) was used for more detailed analysis because it was judged to better represent the 
assumed mechanism in Ox III of the incorporation of a diffusion process due to the 
formation of a defective or porous film. 
 
Figure 3.10: Two equivalent circuits tested to fit to all EIS experimental data for the 
films grown at 0.2 VSCE: (a) Circuit 2a and (b) Circuit 2b. 
 
 
Analysis of the EIS using the second circuit yielded values for the exponent, α, of 
the CPE2 parameter ranging between 0.5 and 0.6 and, hence, the above mathematical 
methods could not be used to convert the CPE values to a capacitance.  However, when 
the exponent for a CPE element is equal to 0.5, the CPE can be envisioned to represent an 
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infinite Warburg (diffusion) element [37] and therefore, it was chosen to fix the value for 
α at 0.  for further analyses.  For α   0. , the overall CP  value is proportional to the 
square root of the diffusion constant for the diffusion process responsible for the current 
response.  Although somewhat scattered, the fitting results, Figure 3.11, show that the 
diffusion rate increased with temperature (with a dramatic increase occurring between 
25 °C and 50 °C).  It is not surprising that the diffusion rate should increase with 
temperature, but it remains unclear as to what this diffusion process may represent.  One 
possibility involves the diffusion of H
+
 or OH
–
 from the oxide/water interface into the 
oxide lattice since these species need to reach the Fe
II
 in the Fe3O4 to form FeOOH. 
 
Figure 3.11: Constant phase element CPE 2 equivalent circuit fitting results using Circuit 
2b for films grown at 0.2 VSCE, for all temperatures studied, as a function of time. 
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3.3.4 Surface Analysis 
Surface analysis of oxide films grown potentiostatically further supports the 
proposed oxide film growth and conversion mechanism.  SEM images are shown in 
Figure 3.12.  The oxide film grown at –0.7 VSCE was uniform and compact after 1 week 
of growth.  This is consistent with the proposed mechanism for the film growth in Ox I of 
fast formation of a uniform layer of Fe3O4-like oxide which then grows by a solid-state 
charge-transport mechanism.  The oxide film grown at –0.2 VSCE was very thin and the 
SEM image of the surface shows the residual polishing marks from the metal electrode 
preparation, indicating that the oxide film was only a few nanometers thick.  Such a thin 
layer is expected in Ox II since the conversion of a Fe3O4-like layer to a poorly 
conducting -Fe2O3-like layer at early times during potentiostatic film growth would limit 
overall film growth.  The oxide film grown at 0.2 VSCE also contained a very thin base 
layer similar to that seen for the film grown at –0.2 VSCE, but this film had a number of 
filaments (or crystallites) on top.  The thin base oxide layer is expected for a similar 
reason to that discussed for the oxide film grown in Ox II.  The formation of the small 
crystallites has been observed even at 25 °C, but to a lesser degree, and in this previous 
study these crystallites were identified as -FeOOH [13]. 
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Figure 3.12: SEM images of carbon steel surfaces following 7 d potentiostatic film 
growth at (a) –0.7 VSCE, (b) –0.2 VSCE, and (c) 0.2 VSCE.  The potentiostatic experiments 
were performed at 80 °C, pH 10.6 in Ar-sparged 0.01 M borate solutions. 
 
 
 
a)
b)
c)
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3.4 CONCLUSIONS 
Surface oxide film growth and conversion on carbon steel in Ar-purged solution 
at pH 10.6 was studied as a function of potential and temperature under both 
potentiostatic and potentiodynamic conditions.  The current behaviour observed as a 
function of various CV scan conditions, and the current and EIS spectra as a function of 
time during 7 d potentiostatic experiments support an oxide growth and conversion 
mechanism that depends mainly on electrode potential.     
 From the perspective of oxide film growth and conversion, the potential can be 
divided into three regions.  In Ox I (–0.9 VSCE to –0.6 VSCE), a uniform layer of a 
Fe3O4-like inverse spinel oxide is formed that grows by a solid state charge transport 
mechanism.  Iron dissolution occurs via hydration of Fe
II
 (and Fe
III
 to a smaller extent) at 
the oxide/water interface followed by diffusion of the hydrated species from the interface 
to the aqueous phase.  The dissolution rate increases with temperature, but at 
temperatures > 70 °C, the Schikorr reaction accelerates the conversion of the hydrated 
species to Fe3O4.  In Ox II (–0.6 VSCE to 0.0 VSCE), the Fe3O4 layer continues to grow, but 
the potential is high enough to convert the Fe3O4-like layer to more -Fe2O3-like layer.  
The oxide growth and conversion in this region also occurs by a solid-state charge 
transport mechanism.  As the concentration of Fe
II
 decreases due to further oxidation to 
Fe
III
 near the oxide/water interface, the rate of iron dissolution is greatly suppressed and 
the oxide becomes more insulating.  In this region, thickening of the oxide layer is rather 
limited due to the anodic conversion of the more conducting Fe3O4 to the more insulating 
-Fe2O3.   In Ox III (0 VSCE to 0.4 VSCE) anodic conversion of the Fe3O4/γ-Fe2O3 oxide to 
γ-FeOOH can induce micro-fractures but in the absence of aggressive anions the surface 
105 
 
quickly repassivates.  The oxide layer can grow by continuous film fracture and 
repassivation, producing a thick but defective (or porous) oxide film.  
This study further concludes that temperature affects the oxide growth and 
conversion on carbon steel and, hence, the corrosion rate, mainly by influencing the rates 
of thermal processes such as dissolution/precipitation and phase transformation, whereas 
the potential at the oxide/water interface determines the extent of electrochemical 
oxidation of the oxide layer. 
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Chapter 4 
Effects of γ-Radiation Versus H2O2 on Carbon Steel Corrosion 
 
4.1 INTRODUCTION 
 The influence of ionizing radiation on corrosion of metals in general, and, of 
carbon steel in particular, has been studied only to a limited extent, and the mechanism 
by which radiation affects corrosion kinetics has not been established [1-5].  The 
observed effects of ionizing radiation on the corrosion of metals are conflicting [1-12], 
and many key questions remain unanswered, including whether the radiation energy 
initially absorbed in the bulk metal phase, or that in the aqueous phase, is what drives 
materials degradation, and whether the key aqueous redox species for steel corrosion are 
the radical products or the molecular products from water radiolysis. 
 This study investigates the effects of -radiation on carbon steel corrosion and 
compares them with those of chemically-added H2O2 that is considered to be the key 
radiolytically-produced oxidant at room temperature.  The corrosion kinetics are 
monitored by measuring the corrosion potential, ECORR, and the polarization resistance, 
RP, using linear polarization (LP) and electrochemical impedance spectroscopy (EIS).  
Since surface morphology and composition, in addition to the change in the aqueous 
redox environment induced by -irradiation, are important factors controlling the 
corrosion rate, this study has been performed with various oxide films that were pre-
grown potentiostatically on carbon steel electrodes prior to exposure to either -radiation 
at a dose rate of ~6.8 kGyh1 or to H2O2 at concentrations in the range of 10
6
 M to 10
2
 
M. 
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4.2  EXPERIMENTAL 
4.2.1  Solutions 
  All experiments were conducted at room temperature in Ar-sparged 0.01 M 
sodium borate solutions.  The solutions were prepared using reagent grade 
Na2B4O7•10H2O (Caledon Laboratories Ltd.) and water purified using a NANOpure 
Diamond UV ultra-pure water system (Barnstead International), with a resistivity of 
18.2 M·cm.  Reagent grade NaOH (Caledon Laboratories Ltd.) was added dropwise to 
the solutions to adjust the pH.  All experiments were conducted at a pH of 10.6.  H2O2 
was added from a 3 wt. % stock solution from Fisher Chemicals. 
 
4.2.2 Irradiation Source 
 All irradiation experiments were conducted in a MDS Nordion Gammacell 220 
Excel Cobalt-60 irradiator.  The electrochemical cell was positioned inside the 
gammacell sample chamber, and the chamber was lowered into the gammacell irradiation 
zone, consisting of 11 tubular pencils containing 
60
Co.  The dose rate during the period of 
experimentation was ~6.8 kGyh1.  
 
4.2.3  Procedure 
 Following application of the polishing procedure, the working electrodes were 
rinsed with deionized water and placed in the electrochemical cell, which had been 
sparged with argon gas for at least 1 h to purge any oxygen from the solution.  
Electrochemical experiments then began with cathodic cleaning at –1.1 VSCE for 5 min to 
remove any residual air-formed oxides on the working electrode, thereby creating a 
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reproducibly clean metal surface.  The electrode was then anodized for 2.5 h at –0.7 
VSCE, –0.2 VSCE, or 0.2 VSCE with the intention of generating a variety of oxide films with 
differing compositions and properties.  When the potentiostatic film growth was 
completed, either the electrochemical cell was irradiated in the gammacell for 6 h, or a 
specific concentration of H2O2 was added to the solution; ECORR was measured during the 
entire procedure.  ECORR monitoring continued for a number of hours (generally 24 to 48 
h) to follow any changes occurring in solution and on the metal oxide surface. 
 Over the course of the experiments, periodic measurements of either EIS or LP 
were performed to aid in determining the change in the resistive nature of the oxide film.  
Also, to evaluate the radiolytic production of redox species, aqueous samples were taken 
periodically for H2O2 analysis by UV-Vis spectrophotometry. 
 In some cases, 24 h after the addition of H2O2, carbon steel samples were 
removed and analyzed using X-ray photoelectron spectroscopy (XPS). 
 
4.3 RESULTS AND DISCUSSION 
4.3.1 Electrochemical Growth and Conversion of Oxide on Carbon Steel 
 The objective of this study was to determine how the change in the solution redox 
environment arising from water radiolysis affects the rate of carbon steel corrosion.  
However, the chemical composition and morphology of the surface oxide are also 
important parameters in controlling the corrosion rate of a metal.  To differentiate the 
influence of the initially present oxide film on the corrosion behaviour from the effect 
induced by irradiation or H2O2, the carbon steel samples were polarized for 2.5 h at 
potentials of –0.7 VSCE, –0.2 VSCE or 0.2 VSCE prior to the start of each exposure 
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experiment.  These potentials represent values from the three oxidation regions identified 
in previous studies, and in Chapter 3 [13, 14].  The extent of oxidation, or the average 
valence of Fe in the oxide layer, is determined by the film growth potential (or corrosion 
potential, under naturally corroding conditions), while the film thickness at steady state is 
related to the solubilities of the oxides formed, as well as the potential.  
 These studies suggest that, on carbon steel at room temperature, the oxide grown 
at –0.7 VSCE (in Ox I) is mainly Fe3O4, that at –0.2 VSCE (in Ox II) is a mixed layer of 
Fe3O4/-Fe2O3, and that at 0.2 VSCE (in Ox III) is a mixture of -FeOOH, Fe3O4, and 
-Fe2O3.  These films, referred to as pre-grown films hereafter, were then exposed to 
either -radiation or H2O2.  
 
4.3.2 Corrosion Potential of Carbon Steel in a -Irradiation Field 
 The corrosion kinetics of carbon steel with a pre-grown film in a -radiation field 
were followed by monitoring ECORR and periodically performing LP measurements.  The 
LP results are discussed in Section 4.3.6.2 after first establishing that the polarization 
resistance, RP, for the carbon steel system reproduce those found by EIS in solutions 
containing various concentrations of H2O2.  
Figure 4.1 compares the ECORR transients observed in the presence and absence of 
-radiation on the films pre-grown at three different potentials.  In the absence of 
radiation, ECORR quickly relaxed to approximately –0.65 VSCE (Ox I) within ~ 5 h for all 
three pre-grown films.  Prior to reaching the final steady-state ECORR value, the corrosion 
potential of films pre-grown in potential Ox II and III reached a metastable value at 
approximately –0.5 VSCE.  This meta-stable ECORR value corresponds to the potential at 
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which the reduction from γ-Fe2O3 to Fe3O4 can couple with the oxidation of Fe/Fe
II
 to 
Fe3O4: 
  e  u  tr te 
-e–
→  e                                                                                         1  
 γ– e   
e–
→  e                                                                                                              
These reactions may be the dominant processes controlling the ECORR behaviour until all 
the γ-Fe2O3 has been reduced.  For the film grown at –0.2 VSCE the metastable potential 
of –0.5 VSCE was maintained for a longer period of time than it was for the film grown at 
a higher potential 0.2 VSCE.  This may be attributed to the fact that at    –0.2 VSCE, the 
 nodic oxid tion i  limited to the form tion of γ-Fe2O3/Fe3O4, thus a thicker and more 
compact film of the oxides grows, whereas at 0.2 VSCE, the further oxidation of Fe3O4 to 
- e  H occur , forming   thicker  ut le   comp ct film con i ting of le   γ-Fe2O3.  In 
 ll c  e , once  ll the γ-Fe2O3 is consumed, ECORR is likely determined by the oxidation 
of Fe/Fe
II
 to Fe3O4, Reaction 4.1, and water reduction to H2, Reaction 4.3 [13]: 
 H  
e–
→H                                                                                                                           
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Figure 4.1: Corrosion potential as a function of time during and post 6 h irradiation and 
without irradiation.  Prior to the ECORR measurement, oxide films were grown 
potentiostatically at 0.2 VSCE, –0.2 VSCE, or –0.7 VSCE. 
 
 
In the presence of -radiation, ECORR showed the same initial sharp decrease, but 
quickly recovered, eventually reaching a steady state within the 6 h irradiation period, 
except for the films pre-grown at –0.7 VSCE, which required a longer irradiation time to 
reach steady state.  The steady-state ECORR value was nearly independent of the 
pre-grown film, and equal to approximately 0.0 VSCE, being slightly lower in the case 
with the film pre-grown at –0.7 VSCE.  These values are significantly higher than the 
ECORR reached without irradiation.  The ECORR remained the same over a long period 
following the termination of irradiation.  The slight drop in potential when the 
electrochemical cell was removed from the gammacell was attributed to an electrical 
baseline disturbance.     
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4.3.3 Water Radiolysis Products in a -Irradiation Field 
 During the irradiation period, the electrolyte solution was also periodically 
sampled to determine the concentration of radiolytically-produced H2O2, Figure 4.2.  At 
pH 10.6 the radiolytic production of H2O2 does not reach steady state immediately, but 
the concentration gradually increases over the 6 h irradiation period, from [H2O2] = 
~ 10
6
 M at 0.5 h to [H2O2] = ~ 10
4
 M at 6 h.  In Figure 4.2, the measured H2O2 
concentration is compared to that calculated using a water radiolysis model that has been 
tested under a wide range of conditions [15, 16].  The model reproduces the measured 
[H2O2] very well, and is used to aid interpretation of the behaviour of unstable (and hence 
not e  ily me  ur  le  r dic l redox  pecie   • 2
, • H , who e c lcul ted 
concentrations are also presented in Figure 4.2.  The solution pH values measured before 
and after irradiation were the same (pH 10.6), confirming that the buffer solution was 
able to maintain the pH.  
 
Figure 4.2: Concentration of water radiolysis products during and post 6 h irradiation.  
The lines indicate the calculated concentrations and the symbols represent the measured 
concentrations of H2O2. 
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 Although ECORR is a complicated function of the nature of the oxide film as well 
as of the aqueous redox condition, the comparison of the time-dependent behaviour of 
ECORR (Figure 4.1) and the radiolysis product speciation (Figure 4.2) suggest that under 
the experimental conditions (pH 10.6 and room temperature) the molecular products, not 
the radical products, are the main radiolysis products controlling ECORR.  During 
irradiation the concentr tion of • H i   ever l order  of m gnitude lower th n th t of  ny 
of the molecular species, and even the more stable (and hence less reactive) superoxide 
r dic l • 2

 is also an order of magnitude lower.  Furthermore, upon the termination of 
irradiation, these radicals quickly decay to background levels, whereas no change in 
ECORR is observed.  These comparisons strongly suggest that it is the radiolytically-
produced molecular species, in particular H2O2, and not the radical species that 
determines the ECORR of carbon steel.  This claim is consistent with the expectation for 
solid-liquid reactions, which, in general, have higher activation energies and lower 
reaction rates than bulk homogeneous solution reactions.  Thus, the radical species would 
be more likely to recombine with other radical species or react with dissolved impurities, 
if present, than to be involved in surface oxidation and reduction reactions.  From the 
radiolysis perspective, OH

 is an impurity that can considerably reduce the radical 
concentrations [15, 16], and under the experimental conditions (pH 10.6) the ratio of 
molecular species to radical species is much higher than that expected for pH less than 8 
[16].   
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4.3.4 Corrosion Potential of Carbon Steel in H2O2 Solution 
 The ECORR transients observed at different [H2O2] concentrations in the absence of 
-radiation, Figure 4.3, further support the idea that the change in ECORR during 
-irradiation is a result of the concentration change of radiolytically produced H2O2.  
Except over a short initial exposure time period, the time-dependent behaviour of ECORR 
observed for the three different pre-grown films was essentially identical.  Upon removal 
of the applied potential and exposure of the carbon steel electrode to H2O2, ECORR 
decreased immediately, but recovered, quickly reaching (pseudo-) steady state at a 
significantly higher value than the ECORR observed in H2O2-free solution (see Figure 4.1).  
Even at 1  106 M, the lowest [H2O2] studied, ECORR reached approximately –0.3 VSCE, 
almost immediately upon exposure to H2O2 for the films pre-grown at –0.2 VSCE and 
0.2 VSCE, and in less than 3 h for the film pre-grown at     –0.7 VSCE.  When ECORR 
reaches a potential in Ox II, the rate of change in ECORR slows down considerably, 
consistent with the formation of a passive -Fe2O3 layer expected in Ox II.  Nevertheless, 
ECORR in all cases reaches a steady state that is strongly dependent on [H2O2] but nearly 
independent of the nature of the pre-grown film. 
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Figure 4.3: ECORR as a function of time following exposure to various concentrations of 
H2O2 for the films pre-grown potentiostatically at (a) –0.7 VSCE, (b) –0.2 VSCE, and (c) 0.2 
VSCE.  [H2O2] ranged from 10
–6
 to 10
–2
 M.  The concentrations added were, 10
–6
, 10
–5, 
10
–4
, 10
–3
, and 10
–2 
M. 
 
 
 The steady-state ECORR, (ECORR)SS, Figure 4.4, shows a linear dependence on log 
[H2O2] in the low concentration range, [H2O2] < 1  10
3
 M.  Thus, at [H2O2] < 1  10
3
 
M, ECORR is likely to be determined mainly by the cathodic half reactions of H2O2:  
 H   
e–
→ H–  • H
e–
→   H–                                                                                        
coupled with the anodic half-reactions of an oxide-covered steel surface:  
  e  u  tr te 
-e–
→  e   
-e–
→ γ– e                                                                                
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Figure 4.4: Steady-state ECORR as a function of [H2O2] for the films pre-grown 
potentiostatically for 2.5 h at –0.7 VSCE, –0.2 VSCE, and 0.2 VSCE for 2.5 h. 
 
 
 This oxide layer of Fe3O4/-Fe2O3 will grow, and the average valence of Fe 
(Fe
III
/Fe
II
) will increase, with time, resulting in an increase in ECORR with time.  However, 
as the average valence increases, the surface will become more passive, and film growth 
will slow down.  At the steady state, the anodic (or cathodic) reaction rate will be 
determined by the dissolution rate of the oxide formed.            
 At high [H2O2] ( 1  10
3
 M), ECORR rapidly reached a steady-state value of 
0.05 VSCE, independent of [H2O2] and of the pre-grown film, Figure 4.4.  This potential 
value is between the equilibrium potentials for H2O2 reduction to OH

 (0.80 VSCE at 
pH 10.6 and [H2O2] = 1  10
3
 M) and H2O2 oxidation to O2 (–0.14 VSCE at pH 10.6,    
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PO2 = 0.01 bar and [H2O2] = 1  10
3
 M).  Thus, at high [H2O2], ECORR is likely to be 
determined mainly by the cathodic half-reactions of H2O2, Reaction 4.4, coupled with the 
anodic half reactions of H2O2: 
 H   
-e–
→ •  
–
    H 
-e–
→      H
                                                                                    
These H2O2 reactions involve the use of Fe
III
/Fe
II
 sites in the oxide film on carbon steel as 
an electron donor-acceptor relay: 
  e   
e–
→  e  
-e–
→  e                                                                                                              
 It is reasonable to assume that this electron donor-acceptor relay occurs easily in 
the Fe3O4/-Fe2O3 oxide since the conversion between Fe
II
 and Fe
III
 in the oxide is 
kinetically reversible [17].  Under these conditions, the net change in the nature of the 
surface or in the Fe valence (Fe
II
/Fe
III
) will be negligible, while the electrochemical 
reduction and oxidation of H2O2, and hence the decomposition of H2O2, can progress 
catalytically.  ECORR reached at high [H2O2] is, however, approximately 0.05 VSCE at 
which the formation of -FeOOH is also possible [13, 14].  Previous studies on the 
electrochemical reduction and oxidation kinetics of H2O2 on single-phase -FeOOH films 
have shown that the Fe
III
/Fe
II
 electron donor-acceptor relay even occurs in the insulating 
-FeOOH, albeit at a slower rate than in the Fe3O4/-Fe2O3 oxide [18].  This study has 
shown that both reduction and oxidation have a first-order dependence on [H2O2], that the 
rate-determining step is the reduction or oxidation of the adsorbed H2O2 to the 
corresponding radical intermediates, and that this step is likely to involve the use of 
Fe
III
/Fe
II
 sites in the -FeOOH surface as an electron donor-acceptor relay.  Since both 
oxidation and reduction rates have the same first order dependence on [H2O2], ECORR on 
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single-phase -FeOOH was observed to be independent of [H2O2], and its value at pH 
10.6 is ~ + 0.1 V, close to the value observed in this study at [H2O2]  1  10
3
 M.     
 In summary, ECORR at high [H2O2] is controlled by the surface decomposition of 
H2O2 on carbon steel and its surface oxide films, whereas at lower concentrations, H2O2 
acts as either a reductant or oxidant for the corrosion reaction depending on the nature of 
the oxide. 
 
4.3.5 Comparison of ECORR During Exposure to -Radiation and to H2O2. 
 In Figure 4.5, ECORR during the exposure to -radiation is compared with ECORR 
observed in solutions containing 1  106 M and 1  104 M H2O2.  Considering the 
change in [H2O2] with irradiation time (see Figure 4.2 showing [H2O2] ranging from 
approximately 10
6
 M at 0.5 h to 10
4
 M at 6 h), the ECORR radiation results compare very 
well with the H2O2 results.   
 
Figure 4.5: ECORR observed (a) during and after exposure to 6 h -irradiation; and (b) 
during exposure to H2O2 for the films pre-grown at 0.2 VSCE, –0.2 VSCE, and –0.7 VSCE.  
Two sets of data obtained in 10
–4
 M H2O2 and 10
–6
 M H2O2 are shown in b). 
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 The slower approach to steady state of ECORR of the irradiated systems, compared 
to ECORR of the 1  10
4
 M H2O2 solution, is attributed to the gradual increase in [H2O2] 
during irradiation.  However, when the concentration of radiolytically produced H2O2 
reached steady-state at ~ 1  104 M, the (ECORR)SS values of the irradiated systems are 
those observed in 1  104 M H2O2 solutions.  The reason for the slightly lower ECORR 
observed at the end of irradiation with the film pre-grown at –0.7 VSCE is not clear.  One 
explanation may be that due to the gradual increase in [H2O2] during the 6 h irradiation 
ECORR reaches a value in Ox II at a later time, and once it reaches Ox II ECORR increases 
very slowly due to the passivity of the film formed in this potential region.   
 These results strongly support the claims that the key radiolytically-produced 
redox species is H2O2 and that ECORR during  nd po t γ-irradiation is reasonably well 
simulated by adding H2O2 of chemical origin at the time-dependent concentration levels 
achieved radiolytically.  As will be shown later, the system resistance behaviour observed 
under -irradiation conditions could also be simulated in a solution containing a 
representative concentration of H2O2, further supporting the above claim.   
 Monitoring the potential differences between platinum electrodes in solutions 
purged with Ar, CO2, N2O and O2, where only one of the electrodes was subject to 
-irradiation, Fujita et al. [6, 7] reported that the potential was lower in the radiation 
environment by approximately 400 to 100 mV, depending on the aqueous environment.  
Upon termination of radiation exposure, the potential difference between the two 
electrodes was restored back to 0 V.  The authors attributed the decrease in potential in a 
radiation environment to the preferential responsive nature of Pt to the water radiolysis 
product H2.  On the other hand, electrochemical studies on various grades of stainless 
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steel in acidic and chloride-containing solutions [9-11] reported an increase in corrosion 
potential by approximately 150 to 400 mV under -irradiation conditions.  The authors of 
these studies attributed the increase in corrosion potential to the production of oxidizing 
radiolytic species, and specifically to the dominant effect of H2O2.  Titanium alloys have 
also been shown to achieve a more noble potential upon irradiation, and the potential and 
polarization behaviour were reproduced with the addition of equivalent amounts of H2O2 
[12]. 
 A study on stainless steel by Marsh et al. [10], however, reported a decrease in 
corrosion potential upon termination of -irradiation, and attributed it to the effect of 
radical species, although no detailed explanation was given. There are many factors that 
may have contributed to the different post irradiation behaviour between this and their 
studies.  One possibility arises from the fact that carbon steel is more redox-active than 
stainless steel.  However, preliminary studies on the effect of radiation on stainless steel 
at pH 10.6 show a similar trend in the ECORR behaviour, albeit the rate of change is 
slower, and no decrease in ECORR upon termination of irradiation was observed [19].  A 
more likely explanation may be the different pH used in their study; they employed a 
neutral NaCl solution.  Comprehensive studies on -radiolysis [15, 16] have shown that, 
under continuous irradiation conditions, the concentrations of molecular radiolysis 
products are inversely related to those of the radical products, but their concentrations are 
highly dependent on pH in the pH range 8.5 to 10 [16].  At low pH (< 9), the radical 
concentrations are reasonably high and radicals may have been involved in the corrosion 
process in their study.   
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 Radiation dose rate also affects the steady-state concentrations; at a given pH the 
steady-state concentrations have a square root dependence on dose rate [15].  Since H2O2 
is the key radiolysis product controlling carbon steel corrosion, but its concentration 
depends on the radiation dose rate, a more detailed investigation of the effect of [H2O2] 
on carbon steel corrosion, in particular on the oxide film growth and conversion kinetics, 
has been performed. 
 
4.3.6  Oxide Film Growth and Conversion in H2O2 Solutions  
 The oxide film growth and conversion kinetics during exposure to H2O2 were 
further examined by LP and EIS measurements, and later compared with the LP 
measurements performed under irradiation conditions in Section 4.3.7.  The in-situ film 
conversion kinetic study was augmented by ex-situ surface analysis by XPS. 
 
4.3.6.1 EIS and XPS Analyses  
 The EIS spectra taken periodically during exposure of the film pre-grown at         
–0.7 VSCE to H2O2 are shown in Figure 4.6.  In all three different [H2O2], the 
time-dependence of the EIS spectra shows a fast initial response to H2O2 addition, 
followed by a slow change, with the final impedance depending on [H2O2].  The films 
pre-grown at –0.2 VSCE and 0.2 VSCE showed similar EIS behaviour (their EIS spectra are 
not shown, but the equivalent circuit analysis results are presented in Figure 4.7).   
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Figure 4.6: Electrochemical impedance spectra for the film pre-grown at –0.7 VSCE 
during exposure to [H2O2] of; (a) 1  10
–6
 M, (b) 1  10–4 M, and (c) 1  10–2 M.  The 
EIS were taken at 0, 1, 8, 24, and 37 h after the addition of H2O2.  The arrows show the 
progression of EIS spectra as a function of time.  The initial experiment on each plot 
represents EIS run at the film growth potential (–0.7 VSCE), before the addition of H2O2.  
The experimental data was fit with an equivalent circuit (inset) as described in the text. 
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For all EIS measured, a simple electric equivalent circuit model as shown in 
Figure 4.6 could be fit to the resulting spectra.  In this circuit model, Rs and RP are the 
resistances of the solution and oxide polarization, and CPE is the constant phase element 
that relates to the capacitance of the film.  For the system studied, the polarization 
resistance, RP, is composed of a film resistance, Rfilm, and charge transfer resistance, Rct, 
in series with one another.  The analysis methods used are not capable of distinguishing 
between contributions from Rfilm and Rct, so the additive polarization resistance was used.  
The inclusion of a film resistance suggests that there would be a graded structure with 
changing resistivity and dielectric constant with depth.  Therefore, CPE is converted to a 
capacitance according to a derivation from Hsu and Mansfeld, [20, 21] as discussed in 
Chapter 3. 
 The system resistance and capacitance obtained from the circuit analysis, referred 
to as RP and CP, respectively, are shown in Figure 4.7.   
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Figure 4.7: Polarization resistance and capacitance determined from the equivalent 
circuit (Figure 4.6a inset) for films pre-grown at (a) –0.7 VSCE, (b) –0.2 VSCE, (c) 0.2 VSCE 
after the addition of H2O2.  [H2O2] = 1  10
–6
 M (), 1  10–5 M (), 1  10–4 M (), 1  
10
–3
 M (), and 1  10–2 M (). 
 
 
 The capacitance decreased immediately upon exposure of the electrode to H2O2, 
and subsequently remained almost constant, edging down only slightly over many hours.  
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The slow decrease in capacitance was accompanied by an increase in resistance, 
indicating thickening of a passive film.  Both the capacitance and resistance eventually 
reached a steady state determined by [H2O2].  It is noted that the measured capacitance 
values are larger than those expected for an oxide film.  This is presumed to result from 
surface roughness (ie. the actual surface area of the electrode was larger than the assumed 
geometric area).  While higher in magnitude than expected, the general trends in 
capacitance with changing pre-grown film potential and [H2O2] can still be used to 
characterize the system. 
 The films pre-grown at –0.2 VSCE and 0.2 VSCE show similar behaviour, Figures 
4.7b and 4.7c.  One minor but important difference observed is that both Rp and CP 
decreased with time for the film pre-grown at 0.2 VSCE in 1  10
6
 M H2O2 solution, the 
lowest concentration used in this study, see Figure 4.7c.  This is attributed to the nature of 
the pre-grown film since the film grown at a potential in Ox III initially consists of more 
defective oxides or hydroxides, with higher Fe
III
 content (-Fe2O3 and -FeOOH) as 
described in Section 4.3.1.  Upon removal of the applied potential, these Fe
III
 oxides 
could be reduced to Fe3O4, until the average valence of Fe in the film reaches the value 
expected at ECORR.  At low H2O2 concentrations, this reduction is slow, but the main 
contributor to the net corrosion current, due to the low level of aqueous oxidizing species.  
This results in an increase in the conductivity of the surface film, as observed by EIS.  
The decreases in both RP and CP further indicate a change in film property rather than in 
film thickness.   
 The steady-state RP observed for the pre-grown films are plotted as a function of 
[H2O2] in Figure 4.8.  RP showed two distinct types of behaviour over the range of H2O2 
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concentrations: (1) at low [H2O2] (< 10
3
 M), the steady-state RP was high, ~ 1 M·cm
2
, 
and increased slightly with an increase in [H2O2]; and (2) at high [H2O2] ( 10
3
 M) the 
steady-state RP was approximately an order of magnitude smaller, and decreased slightly 
with increasing [H2O2]. 
 
Figure 4.8: Steady-state (a) polarization resistance and (b) capacitance as a function of 
added H2O2 for the films pre-grown at (΢  0.2 VSCE,  Ο  –0.2 VSCE,  nd  Δ  –0.7 VSCE. 
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 The film conversion due to exposure to various [H2O2] was further examined 
using XPS.  For the XPS study the pre-grown films were exposed to H2O2 for 24 h.  
Figure 4.9 shows an example of the high-resolution XPS spectra for the Fe–2p band.  The 
shoulder, attributed to metallic Fe (binding energy 706.74 eV [22-24]), was observed in 
the XPS of all samples, suggesting that the thickness of the oxide films studied were thin 
enough to allow for the escape of photoelectrons.  The Fe–2p band around 710 eV from 
iron oxides/hydroxides was deconvoluted using the reference XPS spectra obtained with 
single phase Fe3O4, -Fe2O3 and -FeOOH, with each oxide spectrum consisting of 
multiple Fe–2p peaks (inset of Figure 4.9) [25, 26]. This multiple-peak per oxide 
approach of fitting XPS results has been successfully applied on pure iron oxide samples 
[24].  From the reference oxide peaks, a weighted composite peak for Fe-2p in oxides 
was constructed, and used to fit spectra, via the commercial software CASAXPS
®
, for the 
analyses presented here [22-26].  The weighted composite spectra reproduced the 
observed spectra very well in all cases, Figure 4.9. 
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Figure 4.9: High resolution XPS spectra for the Fe–2p region. The Fe–2p band around 
710 eV from iron oxides/hydroxides was deconvoluted using reference XPS spectra.  The 
inset figure represents the multiple-peak per oxide approach before their combination for 
experimental analysis. 
 
 
 The results of the fitting analysis are summarized in Figure 4.10.  Due to the 
uneven spatial distribution of the oxide films on surfaces, the absolute peak areas are not 
used for the analysis, but the ratio of the sum of the contributions of -Fe2O3 and 
 FeOOH to the Fe-2p band to the contribution of Fe3O4.  Note that the -Fe2O3 and 
-FeOOH contributions were not separated due to the similarity of their XPS spectra, 
which results in large uncertainties in determining the individual contributions.  Although 
the XPS analysis data scattered considerably, two [H2O2] ranges can be discerned; a 
noticeable increase in the ratio of Fe
III
 to Fe
II/III
 oxide at [H2O2] ≥ 10
3
 M.   
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Figure 4.10: Fitting analysis of high-resolution Fe-2p XPS spectra.  The individual peak 
area contributions of -Fe2O3, -FeOOH, and Fe3O4 are summed and presented as a ratio. 
 
 
 The ECORR, RP and the Fe
III
 to Fe
II/III
 oxide ratio (Figures 4.4, 4.8 and 4.10, 
respectively) all provide a consistent picture of the film conversion as a function of 
[H2O2].  At [H2O2] (< 10
3
 M), ECORR increased with an increase in [H2O2], but its values 
remained within Ox II (Figure 4.3).  The film growth in this potential region consists of 
continuous growth of the conducting Fe3O4 layer accompanied by its anodic conversion 
to   more m ghemite  γ-Fe2O3)-like phase near, or at, the oxide/solution interface [14, 
17].  The oxide formed is mainly a compact Fe3O4/γ-Fe2O3 layer whose growth is limited 
mainly by the dissolution rate of the oxide, and, to a smaller extent, ECORR.  This oxide 
formation mechanism can thus explain the small increase in film resistance with [H2O2], 
Figure 4.8.  The XPS results showing a negligible change in the ratio of Fe
III
 oxides to 
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Fe3O4 with increasing [H2O2], Figure 4.10, further supporting the thickening of a 
Fe3O4/γ-Fe2O3 layer in the lower [H2O2] range. 
 At [H2O2]  10
3
 M, ECORR (Figure 4.4) was at the cusp of Ox III, where the 
anodic conversion of this Fe3O4/γ-Fe2O3 oxide to γ-FeOOH can lead to micro-fractures 
and the layer of Fe3O4/-Fe2O3 can grow by continuous film fracture and repassivation, 
producing a thicker and more defective (or porous) oxide film [14, 17].  This mechanism 
is consistent with the XPS results showing a higher ratio of Fe
III
 oxides to Fe3O4 at 
[H2O2]  10
3
 M, Figure 4.10.  It has been shown while in the presence of aggressive 
anions the film fracture can lead to pitting corrosion, in their absence the film quickly 
passivates and does not result in pitting [14, 17].  The results of the carbon steel 
electrodes exposed to high [H2O2] did not show any sign of pitting corrosion.  
Irrespective of the exact nature of the Fe
III
 oxides, high RP values are expected if the 
polarization resistance obtained by EIS is determined by the charge transfer resistance on 
the film surface.  This is what was observed in the absence of H2O2 [13, 14], where high 
RP values were observed for the films grown electrochemically in this potential range.  
Thus, the significantly lower resistance observed at [H2O2]  1  10
3
 M is attributed not 
to a breach of film passivity, but to surface-catalyzed H2O2 decomposition coupled with 
the Fe
III
/Fe
II
 electron donor-acceptor relay, Reaction 4.7, as discussed in Section 4.3.4 
(i.e., electronic, not ionic, conductivity increases and enhances H2O2 decomposition).  
The claim is further supported by the independence of ECORR on [H2O2] (Figure 4.4) and 
the increase in the Fe
III
 oxides composition in the film (Figure 4.10) at [H2O2]  10
–3
 M. 
 The steady-state ECORR and RP show negligible dependence on the type of pre-
grown film.  The nature and thickness of the pre-grown film appear to affect the initial 
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kinetics of the film conversion and the time to reach steady state.  For both ECORR and RP, 
the time to reach steady state is longest for the film pre-grown at –0.2 VSCE, as expected, 
since the pre-grown film would be composed of a more passive and compact 
Fe3O4/γ-Fe2O3 layer.  The effect of the nature of pre-grown film can be also seen in the 
ratio of Fe
III
 to Fe
II/III
 oxide at 10
–2
 M H2O2.  The ratio is observed to be much higher for 
the film pre-grown at –0.2 VSCE than for those grown at the other two potentials.  Due to 
its compact structure, the film pre-grown at –0.2 VSCE has not gone through the same 
extensive restructuring by continuous film fracture and repassivation as those grown at 
other potentials over the 24 h exposure to H2O2.  
 
4.3.6.2 Linear Polarization and EIS 
 Although EIS provides more detailed information on film properties, it cannot be 
used when the film changes rapidly.  Under these conditions, the linear polarization 
technique provides better information on the system resistance.  Thus, the change in 
system resistance during the exposure to H2O2 was also studied by LP measurements.  
The first task was to establish that both EIS and LP measurements on carbon steel yield 
the same results, Figure 4.11.  Only the results obtained with the films pre-grown at         
–0.7 VSCE are shown, but EIS and LP for the films pre-grown at –0.2 VSCE and 0.2 VSCE 
also yield the same results.  Once this was confirmed, the change in the system resistance 
during exposure to -irradiation was studied only by LP measurements, due to the faster 
change in ECORR, and less stable electrochemical environment inside the gammacell. 
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Figure 4.11: Comparison of RP calculated from (a) EIS and (b) LP fitting after the 
addition of H2O2 to films pre-grown at –0.7 VSCE. [H2O2] = 1  10
–6
 M (), 1  10–5 M 
(), 1  10–4 M (), 1  10–3 M (), and 1  10–
2
 M (). 
 
 
4.3.7 Comparison of the Influences of Exposure to -Irradiation and to H2O2 on RP   
RP values determined by LP measurements made under gamma irradiation and 
during exposure to chemically-added H2O2, where [H2O2] = 10
4
 M, are compared in 
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steady-state concentration of radiolytically-produced H2O2 at the end of 6 h irradiation at 
the dose rate used in this study. 
 
Figure 4.12: Comparison of RP values calculated from LP fitting (a) during and after -
irradiation and (b) after the addition of H2O2 to pre-grown films. 
 
Consistent with the EIS results, in a given H2O2 solution RP immediately reached 
a pseudo-steady-state value, and this was followed by a progressively smaller increase for 
the first 3-4 measurements (5 h) for all three pre-grown films, with the final steady-state 
values ranging from approximately 0.75 to 1.25 M·cm2.  Although Rp was initially 
lower under irradiation conditions, in the range of 0.25 to 0.5 M·cm2, Rp increased at a 
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fast rate, and the increase continued for another few hours after the termination of 
irradiation, until Rp reached the values observed in the 10
4
 M H2O2 solutions.  The 
observation that the same final RP (Figure 4.12) and ECORR (Figure 4.3) values were 
achieved in both cases further supports the suggestion that similar oxide films formed 
under irradiation and H2O2 exposure conditions.  The rate of increase in RP following the 
termination of irradiation was similar to that observed in the H2O2 solution, as the film 
thickened spontaneously under a constant solution condition.  The lower initial Rp values, 
but faster rate of increase during irradiation, was the result of the initially low but 
constantly increasing concentration of radiolytically-produced H2O2 (Figure 4.2), which 
was also responsible for the observed ECORR behaviour discussed in Section 4.3.5.   
The comparison of the RP values determined from the LP measurements made 
under both exposure conditions provides more evidence that the corrosion behaviour of 
carbon steel under gamma irradiation at room temperature could be simulated well by 
exposing the steel to solutions containing an equivalent concentration of H2O2. 
 
4.4. CONCLUSIONS 
 The effects of -irradiation and of H2O2 on carbon steel corrosion at pH 10.6 and 
room temperature were investigated by ECORR, EIS, and LP measurements.  Both ECORR 
and RP behaviour under radiation conditions could be simulated in a solution containing a 
representative concentration of H2O2, indicating that H2O2 is the key radiolysis product 
controlling carbon steel corrosion.   
 Both the steady-state ECORR and RP are strong functions of [H2O2], but nearly 
independent of the initial oxide film composition.  The ECORR and RP behaviour showed 
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two distinct ranges dependent on [H2O2].  For [H2O2] < 10
3
 M, ECORR is determined 
mainly by the cathodic half-reactions of H2O2 to yield OH

, coupled with the anodic 
half-reactions of the oxide-covered steel surface.  On the other hand, for [H2O2]         
10
3
 M, ECORR is likely to be determined primarily by the cathodic half-reactions of H2O2, 
coupled with the anodic half-reactions of H2O2.  
This study clearly illustrates that the corrosion rate of carbon steel in a 
-radiation environment at pH 10.6 and room temperature can be predicted from the 
dependence of ECORR and RP on [H2O2] if the concentration of radiolytically-produced 
H2O2 can be determined or measured.   
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Chapter 5 
 
Deconvoluting the Effects of pH, Temperature and Electrolyte Concentration on 
Carbon Steel Corrosion 
 
 
5.1 INTRODUCTION 
It is well understood that solution parameters such as pH, temperature and 
electrolyte concentration can significantly influence corrosion kinetics.  Although the 
oxidation of pure iron and carbon steel has been studied extensively (including, but not 
limited to the work cited in references [1-21]), most of these studies were performed 
under a narrow range of solution conditions, and the primary interest was determining the 
corrosion rates or oxide growth mechanism under a particular set of experiments.  
Aqueous corrosion is an electrochemical process involving metal oxidation coupled with 
reduction of an aqueous species, where the oxidized metal atoms are either incorporated 
into a solid oxide film or they dissolve into the water.  Since individual solution 
parameters can affect the film growth and metal dissolution rates differently, it is difficult 
to separate the effects of individual parameters or to extrapolate the corrosion rate 
obtained under one set of conditions to another set of conditions.  The objective of this 
study is to provide some insights into the separate effects of temperature, pH, and 
electrolyte concentration (ionic strength) on the corrosion of carbon steel. 
The effects of the solution parameters on carbon steel corrosion was investigated 
at two temperatures, 80 °C and 150 °C, at pH25°C, 6.0, 8.4 and 10.6, and at three different 
borate concentrations, 0, 1 and 10 mM.  The corrosion kinetics under a given set of 
conditions were followed by characterizing the chemical composition, morphology and 
structure of the oxide films formed on carbon steel coupons as a function of corrosion 
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time.  The experiments were performed with the coupon samples submerged in various 
solutions in contact with cover gases in leak-tight vials.  The surface and the cross section 
of the oxide films were examined by scanning electron microscopy (SEM) or 
transmission electron microscopy (TEM), Raman spectroscopy, and X-ray photoelectron 
spectroscopy (XPS).  The test solutions were also analyzed for dissolved metal ion 
concentrations using inductively coupled plasma mass spectrometry (ICP-MS).  In 
Chapter 6 the results are further compared to equivalent experiments performed in the 
presence of gamma irradiation. 
 
5.2  EXPERIMENTAL 
5.2.1  Experimental Setup 
 For the samples, the carbon steel rod was cut into solid cylindrical wafers 
(coupons) with a diameter of 10 mm and a thickness of 3 mm.  Prior to each test a 
freshly-cut coupon was abraded manually with 400 and 600 grit silicon carbide papers.  
This was followed by polishing on a Texmet microcloth (Buehler) with a 1 m MetaDi 
Supreme diamond paste suspension (Buehler) and lastly sonication in a 50:50 
acetone:methanol mixture for 5 min to remove polishing residues.   
 The corrosion tests were performed with the test coupon located in a sealed vial, 
Figure 5.1.  For the work reported here, we used specially fabricated vials.  Borosilicate 
vials (20-ml crimp-cap-sealable) were purchased from Agilent Technologies.  To 
minimize silicate dissolution the commercial vials were then modified by hand.  The 
bottom half of a vial was replaced with an equivalent segment made of quartz.  The 
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interior of the vial also included a quartz projection on the bottom that was used to 
suspend the coupon ~ 15 mm above the bottom of the vial. 
 
 
Figure 5.1: Schematic diagram of the experimental set-up, showing the test vial 
arrangement in the pressure vessel. 
 
 
 Preparation of a test vial was performed inside an Ar-purged glove box where the 
oxygen concentration was maintained at a low level.  Sampling determined that the 
oxygen concentration in a test solution was approximately 0.4 ppm at room temperature.  
First, the coupon was placed inside a vial on the quartz stand.  Sufficient electrolyte 
solution was then added to the vial to fully immerse the coupon, but, to minimize the 
dissolution of silicate, the amount of water added was limited such that the water level at 
150 °C (taking into account thermal expansion of the liquid) would remain below the 
quartz/borosilicate transition.  The vial was capped using an aluminum crimp cap with a 
PTFE silicone septum to provide a vacuum tight seal and ensure no loss of gas during a 
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test.  The sealed vials were placed inside an autoclave and the autoclave was filled with 
water to approximately the same level as the water in the vials.  This provided a pressure 
balance on the vial walls when heated.  With this experimental design the seals on all 
sample vials remained intact throughout the tests. 
 A 250 mL type 316 stainless steel autoclave was used (Parr Instrument Company, 
model 4760).  The autoclave was sealed and placed inside a coil heater whose 
temperature was controlled by a Parr 4836 controller.  The entire autoclave and coil 
heater was insulated.  Each test began at room temperature.  The autoclave was heated to 
80 °C or 150 °C over a period of approximately 15 or 60 min, respectively, and then held 
at the desired temperature for the desired test duration (20 h, 66 h, or 170 h). 
 At the end of each test the heater was turned off and the autoclave was allowed to 
cool to a comfortable handling temperature (roughly 80 °C) for the 150 °C experiments 
(this took approximately 15 min).  When the autoclave was sufficiently cool, it was 
opened and the sample vials were removed.  The vials were opened and the coupons were 
removed and dried in flowing argon gas.  The oxide films on the coupons were then 
analyzed using various surface analytical techniques.  The residual solution in the sample 
vials was analyzed for pH and dissolved metal content. 
 Experiments were performed in solutions prepared using water, purified by a 
NANOpure Diamond UV ultra-pure water system (Barnstead International) giving a final 
resistivity of 18.2 M·cm.  Solutions of 1 mM and 10 mM sodium borate were prepared 
using reagent grade Na2B4O7•10H2O (Caledon Laboratories Ltd.).  Reagent grade NaOH 
(Caledon Laboratories Ltd.) was added dropwise to the solutions to adjust the pH to 10.6.  
These solutions are referred to as pH 10.6, 1 mM borate and pH 10.6, 10 mM borate 
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solutions.  Unbuffered solutions with pH 10.6, prepared by adding reagent grade LiOH 
(Sigma-Alridch) to purified water, are referred to as 0 mM borate solutions.  Reagent 
grade H3BO3 (Caledon Laboratories Ltd.) was added to sodium borate to adjust the pH to 
8.4 to prepare pH 8.4, 10 mM borate solutions.  Solutions of pH 6.0, 0 mM borate were 
prepared from the dropwise addition of H3BO3 to deionized water, with no sodium borate 
present.  All pHs are given with respect to measurement at 25 °C.  Due to the small 
solution volumes and potential changes in the solution during the heating corrosion 
experiments, the pH of all solutions was measured after experiments, Table 5.1. 
 
Table 5.1: Changes in pH for all solutions studied. 
80 °C 
Initial pH 8.4 10.6 10.6 10.6 
Borate (mM) 10 0 1 10 
Time (h) 20 66 170 20 66 170 20 66 170 20 66 170 
Final pH 8.8 8.8 8.5 9.9 9.6 9.3 9.8 9.9 9.5 10.3 10.3 10.0 
 
150 °C 
Initial pH 6.0 8.4 10.6 10.6 
Borate (mM) 0 10 0 10 
Time (h) 20 66 170 20 66 170 20 66 170 20 66 170 
Final pH 7.4 nd
1 
6.4 8.9 8.5 8.4 8.8 8.2 8.4 9.8 10.0 9.7 
1. not determined 
 
5.2.2  Surface Analysis 
After surface examination, selected locations on the coupon surfaces were 
subjected to a focused ion beam (LEO 1540XB) which was used to erode a tightly 
controlled area on the sample, leaving a cross-sectional cut through the surface film and 
into the underlying metal.  A thin layer of Pt was deposited on the coupon surface before 
focused ion beam cutting to demarcate and provide contrast at the oxide surface.  Cross-
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sections prepared in this way were then imaged by SEM and the oxide thickness 
determined.  Cross-sectional TEM was performed on wedge samples, using a FEI-Titan 
80-300 cubed electron microscope.  To determine the chemical composition and phase 
of the oxides present in the surface film, Raman spectra were compared to Raman 
spectra of standard iron oxide samples (Alfa Aesar). 
The oxide films grown at 80 °C were so thin that the cross sections of the films 
were not obtained.  For these films the thickness was determined by analyzing the Fe-2p 
bands of high resolution XPS.  To determine the thickness of the oxide films, the Fe-2p 
bands of high resolution XPS of the coupons were deconvoluted into Fe oxide (all 
oxides) and metallic Fe
0
 components, Figure 5.2 [22-24].  The metallic Fe oxide 
contribution to the measured band was used to determine an oxide thickness using 
normalized molar masses, mean free path of electrons, and densities of the oxide and 
metal, and assuming that oxide was entirely composed of magnetite [25-27].   
 
Figure 5.2: Sample spectra for the Fe–2p region and deconvoluted contributions of Fe 
oxide and Fe
0
. 
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5.3 RESULTS 
Since the solution parameters studied (pH, temperature, and electrolyte 
concentration) can affect the film growth and metal dissolution rates during corrosion 
differently, the corrosion kinetics were investigated by examining the surfaces as a 
function of corrosion time under a specific set of conditions.  The time dependent 
behaviour of corrosion illustrates the different effects of the individual solution 
parameters more clearly.  Thus, the matrix of the solution parameters was not chosen for 
completeness but judicious combinations of the solution parameters that can differentiate 
the different effects more clearly during corrosion under the set of conditions.  The 
results are presented according to the studied temperature, 80 °C or 150 °C.  
 
5.3.1 Corrosion at 80 °C 
5.3.1.1 Effect of Electrolyte Concentration at pH 10.6 
The first parameter explored is the dependence of corrosion on electrolyte 
concentration.  The oxide formed on carbon steel was studied at pH 10.6 with three 
different borate concentrations, 0, 1 and 10 mM.  The morphology of the corroded 
surfaces is shown in Figure 5.3. The surfaces are featureless and smooth, independent of 
the electrolyte concentration and the corrosion time.  Polishing marks are visible on all of 
the surfaces, indicating that any oxide film present is very thin.  On some surfaces, very 
small evenly distributed 'pin-holes', approximately 0.1 m in diameter, were observed.  
The presence of these holes has no visible effect on the neighbouring areas.  The origin of 
the 'pin-holes' is not clear, but they do not appear to interfere with or participate in the 
corrosion process significantly. 
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Figure 5.3: SEM micrographs of the carbon steel coupon surfaces after 66 and 170 h at 
80 °C. 
 
 
The oxide thicknesses obtained from XPS analysis are shown in Figure 5.4.  The 
results show that the oxide thickness increased with an increase in corrosion time and 
decreased with an increase in electrolyte concentration.  The thickness of the oxide grown 
for the longest time was still less than 10 nm at pH 10.6. 
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Figure 5.4: Oxide thickness as a function of corrosion time and borate concentration 
determined by XPS analysis. 
 
 
The Raman spectra of the coupon surfaces corroded at pH 10.6 (Figure 5.5a) are 
compared to reference spectra for different single-phase iron oxides (Figure 5.5b).  Due 
to the thinness of the films, interference from surface reflections, and poor scattering, the 
Raman signals from the surfaces are very weak.  However there is a distinct peak at  
~670cm
–1
 that is characteristic of magnetite (Fe3O4) [28] that is most noticeable for the 
0 mM borate test.  The Raman intensity of this peak increased with corrosion time (the 
results not shown).  No other identifiable oxide peaks were present.  A weak peak 
observed at ~825 cm
–1
 does not correspond to any iron oxide standards or any reported 
values of hydroxides or green rusts.  Nearly identical Raman spectra, with a weak 
secondary peak above 800 cm
–1
, have been previously observed on carbon steel surfaces 
corroded in borate solutions at pH 10.6 and at room temperature [29].  Similar spectra 
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have been observed using in-situ surface enhanced Raman on iron films grown at pH 8.4 
[30] and minor structures have been attributed to surface carbon contamination, most 
likely from CO2 [30].  The large increase in the background starting at 1250 cm
–1
 is 
attributed to fluorescence.  
 
 
Figure 5.5: (a) Sample Raman spectra of carbon steel coupon surfaces after exposure at 
80 °C (concentrations of borate are labelled) and (b) Raman spectra of reference iron 
oxide minerals. 
 
 
  For tests performed at pH 10.6 the measured dissolved iron concentration in 
solutions at the end of the 170 h test was very small, but a slight increase in concentration 
was observed at the highest borate concentration, Table 5.2. 
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Table 5.2: Iron concentration in solution after 170 h. 
80 °C 
pH Borate (mM) 
Iron 
concentration 
(ppb) 
10.6 0 37 
10.6 1 36 
10.6 10 57 
150 °C 
6.0 0 3000 
8.4 10 420 
10.6 0 110 
10.6 10 640 
 
 
5.3.1.2 Effect of pH in 10 mM Borate Solutions 
A limited study on the effect of pH on film growth was performed at 80 °C by 
corroding coupons at pH 8.4 and pH 10.6 in 10 mM solutions.  The coupons corroded at 
the lower pH have a very different surface morphology, Figure 5.3.  Large, unevenly 
distributed deposits are seen on the surface of a coupon, even after the shortest corrosion 
time of 20 h.  As corrosion progressed for longer times, more deposits were formed and 
became more evenly distributed.  However, the Raman spectrum of a coupon corroded at 
pH 8.4 was identical to the spectra of coupons corroded at pH 10.6 (Figure 5.4a), 
indicating that the oxide formed at pH 8.4 were also mainly composed of Fe3O4.  In 
contrast, the Fe-2p band in the XPS of a coupon corroded at pH 8.4 had no Fe
0
 
component, indicating the presence of an oxide layer thicker than 15 nm, the analysis 
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depth of the XPS.  The results suggest that different mechanisms are responsible for the 
oxide formation and growth at pH 8.4 and pH 10.6 at 80 °C. 
Measurements of the pHs of the test solutions at the end of a test show that there 
are only small changes in pH (for tests with 10 mM borate) (Table 5.1), and the changes 
were too small to impact on the oxide formation mechanism.  
 
5.3.2 Corrosion at 150 °C 
5.3.2.1 Varying Electrolyte Concentration at pH 10.6 
The SEM images of coupons corroded at pH 10.6 for two electrolyte 
concentrations are presented in Figures 5.6 and 5.7.  The surfaces are much more altered 
than the surfaces of coupons corroded at 80 °C and there are no visible residual polishing 
marks.  There are no differences in the appearance of coupons corroded for different 
times (66 h and 170 h), but oxides with different morphologies are formed with different 
electrolyte concentrations.  The oxide formed in the higher concentration borate solution 
has a finer grain, more filament-like structure, Figure 5.6.  The oxide appeared to be 
relatively uniform with no visible areas of different or localized corrosion, there were no 
distinct crystalline structures, and there were very few particulates, Figure 5.7.  The SEM 
of the coupon corroded for 66 h in 10 mM borate solution does show areas of two 
different shades, Figure 5.7.  This may be due to the underlying structure of the mixed 
ferrite and pearlite phases in the carbon steel.  The pearlite phase is typically distributed 
in carbon steel as a random oblong shape, 20-30 m in length and 5-10 m in width [31].  
The darker patches in the SEM image in Figure 5.7 may correspond to this phase.  
Similar images with two different phases were also observed for coupons corroded for 
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only 20 h in both 0 mM and 10 mM borate solutions (results not shown).  The underlying 
structure became less visible as corrosion progressed, consistent with the growth of a 
thicker oxide which obscured the view of the steel phase structure.  The underlying 
structure was visible in samples at 80 °C in lower magnification SEM (not shown). 
 
 
Figure 5.6: High magnification SEM micrographs of steel coupon surfaces after 66 and 
170 h corrosion at 150 °C. 
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Figure 5.7: Low magnification SEM micrographs of steel coupon surfaces after 66 and 
170 h corrosion at 150 °C. 
 
 
 
Some cracks were seen in the oxide grown in the 0 mM borate solutions for 170 
h.  These elongated cracks show clean breaks and may have been created during cooling 
of the rapid cooling of the test coupons.  The cracks are not associated with the phase 
boundary of the underlying carbon steel microstructure (ferrite or pearlite). 
Raman spectra of the coupons corroded for 170 h, Figure 5.8, show a dependence 
on electrolyte concentration.  The coupon corroded in a solution with no borate has a very 
distinct main peak at 670 cm
–1
 and a secondary peak at ~540 cm
–1
 that correspond to 
Fe3O4 [28].  In contrast, the spectrum for a coupon corroded with 10 mM borate present 
contains a very much smaller peak at the same location.  Minor peaks at wavenumbers 
below 500 cm
–1
 are attributed to the presence of low concentrations of a range of 
hydrated iron oxides or hydroxides on the surface [32, 33].   
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Figure 5.8: Raman spectra of carbon steel coupon surfaces after exposure for 170 h at 
150 °C.  Labelled are the pH and borate concentrations. 
 
 
Cross-section analysis of corroded coupons show visibly thick oxides had formed 
as shown in Figure 5.9.  The oxides grown were all uniform and compact, and the oxide 
grown in 0 mM borate was much thicker that that grown in 10 mM borate solutions (see 
Table 5.3 for thicknesses).  This is consistent with the much less pronounced Fe3O4 peak 
in the Raman spectrum of a coupon corroded in a 10 mM borate solution. 
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Figure 5.9: SEM images of the cross section of the carbon steel coupons subject to 66 h 
corrosion at 150 °C for (a) pH 10.6, 10 mM borate, (b) pH 10.6, 0 mM borate, and (c) pH 
8.4, 10 mM borate.  Arrows indicate the oxide film. 
 
The cross sections of the samples corroded for 170 h were analyzed further with 
TEM and the features of the metal/oxide interfacial region could be more clearly 
observed, Figure 5.10.  The TEM images of the sample corroded for 170 h in pH 10.6 
and 0 mM borate solution show the metal grains in the bulk metal substrate.  They show a 
1 m
1 m
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b)
c)
1 m
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lighter contrast area below the distinct oxide phase that does not show a distinct structure 
but shows the extension of the metal grain structure, Figure 5.10b.  Thus, this layer is not 
a distinct oxide phase and hence, is referred to as the metal/oxide interfacial region.   
 
 
Figure 5.10: TEM images of the cross section of carbon steel coupons subject to 170 h 
corrosion at 150 °C for (a) pH 10.6 and 0 mM borate and (c) pH 6.0 and 0 mM borate.  
Also shown is (b) the interfacial region for pH 10.6 and 0 mM borate that was labelled in 
a red box in (a) and (d) the interfacial region for pH 6.0 and 0 mM borate that was 
labelled in a red box in (c). 
 
 
The cracks that had been observed on the surface propagated across the oxide film 
to the base metal surface and lifted the oxide slightly.  Over all samples studied, the crack 
formation probability appeared to increase with increasing thickness of the oxide.  As 
described earlier, the crack was introduced during the cooling process.  Due to different 
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thermal expansion properties of the base metal substrate and the oxide, the rapid cooling 
induces stress in the compact oxide structure, lifting it from the base metal [34].  
The iron concentrations measured in the test solutions at the end of a tests were 
much higher than those measured in tests at 80 °C.  Also, a much higher concentration of 
iron was seen for a coupon corroded in 10 mM borate compared to a coupon corroded in 
0 mM borate.  This is the inverse of the oxide thicknesses seen for coupons corroded in 
the different electrolyte concentrations. 
 
Table 5.3: Oxide thickness for samples corroded at 150 °C. 
pH Borate (mM) Oxide Film Thickness 
  66 h 170 h 
6.0 0 nd
1
 0.5-2.0 μm 
8.4 10 1.5 μm 
1.8 μm 
(170 nm)
2
 
10.6 0 1.5 μm 
3.0 μm     
(400 nm)
2
 
10.6 10 0.35 μm 
0.48 μm       
(< 50 nm)
2
 
1. not determined 
2.   thicknesses of the metal/oxide interfacial region determined by TEM. 
 
5.3.2.2 Effect of pH  
The effect of pH on carbon steel corrosion at 150 °C was investigated by 
comparing the surfaces corroded at pH 10.6 and pH 8.4 cases both in 10 mM borate 
solutions, and at pH 10.6 and pH 6.0 both in 0 mM borate solutions. The SEM images of 
the surfaces of the coupons corroded at pH 10.6 and pH 8.4 show only slight differences, 
Figures 5.6 and 5.7.  The coupons corroded at pH 8.4 show the presence of small deposits 
on a smooth underlying oxide layer.   
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The SEM (Figure 5.9c) and TEM (results not shown) images of the cross sections 
show that the metal/oxide interfacial and the oxide structures are very similar at pH 8.4 
and pH 10.6, but the thicknesses of both the interfacial and the oxide layers were greater 
at pH 8.4, Table 5.3.  The Raman spectra of coupons corroded at pH 8.4 were similar to 
the spectra of coupons corroded at pH 10.6 showing the presence of Fe3O4, Figure 5.8.   
To further examine the effect of pH, tests were conducted at pH 6.0 and in 0 mM 
borate solutions.  The surface corroded for 66 h at pH 6.0 show larger particulates with 
co-deposited smaller crystallites, Figures 5.6 and 5.7.  After 170 h the surfaces are evenly 
distributed with smaller crystallites, becoming more uniform and smoother.  The SEM 
and TEM images of the cross-sections of the films formed at pH 6.0 show a two oxide 
layer structure (Figures 5.10 and 5.11b).  The inner oxide layer has a filament-like 
structure whereas the outer oxide grows more compactly showing no discernible features.  
At pH 6.0, no distinct metal/oxide interfacial layer was observed.  Instead, the 
metal/oxide boundary is not uniform but shows significant variation in the corrosion 
front, Figure 5.10.  Consequently the oxide thickness varies along the surface, ranging 
from 0.5 to 2.0 m, Table 5.3.  The Raman spectra of coupons corroded at pH 6.0 and pH 
10.6 were similar (Figure 8), indicating that the oxide is still mainly Fe3O4.  The 
dissolved iron concentration is more than an order of magnitude higher at pH 6.0 
compared to that at pH 10.6, Table 5.2. 
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Figure 5.11: SEM images of the cross section of the carbon steel coupons subject to 170 
h corrosion at 150 °C for (a) pH 10.6, 0 mM borate and (b) pH 6.0, 0 mM borate.  Arrows 
indicate the oxide film. 
 
 
 
5.4 DISCUSSION 
 
5.4.1  Corrosion Potential and the Oxide Chemical and Phase Composition  
 Analysis results indicate that the oxides formed in the deaerated corrosion tests 
most likely consist of Fe3O4 with minor quantities of hydrated Fe
II
 and Fe
III
 species, 
likely adsorbed on the Fe3O4 surface.  The presence of any Fe
III
 oxyhydroxides or oxides 
such as -Fe2O3 was not observed. 
 The formation of Fe3O4 is expected from the thermodynamic properties of the 
systems.  Assuming the dissolved oxygen (determined to be 0.4 ppm at room 
temperature, which would be even lower at elevated temperatures) is negligible, the 
electrochemical potential of pure water can oxidized Fe
0
 only to Fe
II
 and Fe
II/III
 (i.e., 
Fe3O4) oxides/hydroxides.  In the previous electrochemical studies of carbon steel 
corrosion, Chapter 3, three separate regions (or potential ranges) for iron oxidation were 
identified.  The electrochemical potential on an isolated iron coupon in pure water is 
located in region Ox I.  Figure 5.12 shows this region and the equilibrium Nernst 
1 m1 m
b)a)
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potentials of the redox reactions of iron species at pH 10.6 and room temperature, derived 
from Gibbs free energies [25, 35]. 
 
 
Figure 5.12: Calculated equilibrium potentials for various iron redox reactions (at pH 
10.6 and 25ºC) are indicated by vertical lines and oxidation potential regions are 
indicated at the bottom of the figure. 
 
 
 Variations in temperature do not significantly affect the equilibrium potentials of 
the redox reactions of solid pairs.  The relative positions of the equilibrium potentials also 
do not change with pH since a change in pH shifts all of the equilibrium potentials by an 
equal amount for a redox process involving an H
+
/e

 ratio of one.  All redox reactions 
presented in Figure 5.12 have this ratio. 
 Figure 5.13 shows the corrosion potentials that are reached after several hours of 
corrosion in 10 mM borate solutions with variable pH and temperature. 
Ox III
<<
1.0 –0.9 –0.8 –0.7 –0.6
Fe
Fe(OH)2
Fe3O4
-FeOOH
-FeOOH
-Fe2O3
-Fe2O3
-Fe2O3
-FeOOH
0.0 E (V vs. SCE)
at pH 10.6, 25 °C
Ox I Ox II
159 
 
Figure 5.13: Corrosion potential as a function of time for carbon steel in pH25°C 10.6 and 
8.4 borate solutions at 25 °C and 80 °C. 
 
 
   The corrosion potential is the potential measured at the outer surface, in this case 
the oxide/water interface.  The overpotential,, at the metal/metal oxide interface, the 
difference between the potential at this interface and the equilibrium potential for a metal 
redox pair, determines the metal oxidation rate.  Due to the potential drop across the 
oxide, the corrosion potential is not the same as the potential at the metal/oxide interface 
(illustrated schematically in Figure 5.14).  Thus, the oxidation potential will be less than 
the measured corrosion potential.  Figure 5.13 shows that the corrosion potential on a 
coupon in 10 mM borate at 80 °C in pH 10.6 and pH 8.4 solutions is approximately         
–0.85 VSCE and –0.78 VSCE respectively.  Since the potential at the metal/oxide interface 
can only reach a value in Ox I in deaerated solutions, independent of temperature and pH, 
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the oxide that can grow is limited mainly to FeO/Fe(OH)2 or Fe3O4, Figure 5.12.  The 
thermodynamics of the electrochemical reaction system puts constraints on the type of 
oxide that can grow on carbon steel. 
 
 
Figure 5.14: (a) Schematic of oxide film growth involving the injection of Fe
n+
 at the 
metal/oxide interface and O
2–
 at the oxide/aqueous interface and (b) potential drop, ΔEox, 
across the oxide and overpotentials, η, at both interfaces. 
 
 
5.4.2 Competing Kinetics and Oxide Formation 
5.4.2.1 Effects of Temperature and pH on Metal Solubility 
 The initial reaction when a clean, unreacted carbon steel surface is immersed in a 
deaerated solution is the oxidation of surface Fe to Fe
II
(aq).  Here, the label Fe
II
(aq) refers to 
all soluble hydrated Fe
II
 species, presented below.  This oxidation is coupled with a 
reduction of H2O adjacent to the surface (or its acid or base ions) to form H2:  
 Fe(s)    Fe
II
(aq)  +  2 e

                (5.1) 
 2 H2O(l)  +  2 e

   2 OH–(aq)  +  H2(g)                  (5.2) 
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The Fe
II
(aq) is in acid-base equilibrium as:  
 Fe
II
(aq)   (Fe
2+
(aq) +   Fe(OH)
+
(aq)  +  Fe(OH)2
–
 (aq))             (5.3) 
 Fe
2+
(aq)     Fe(OH)
+
(aq)    Fe(OH)2
–
(aq)                         (5.4) 
The dissolved iron species are in equilibrium with solid Fe(OH)2(s), and, as a 
consequence, the solubility of Fe(OH)2(s) is a strong function of pH.  The solubility of 
Fe(OH)2(s) at pH 10.6 is more than four orders of magnitude smaller than it is at pH 6.0 at 
room temperature, Figure 5.15 [36].  Therefore, solution pH has a large influence on the 
metal dissolution rate. 
 
Figure 5.15: Solubility of hydrolyzed Fe
II
 and Fe
III
 as a function of pH at 25 °C. 
 
 
 Temperature also affects the solubility of Fe(OH)2(s).  In general, increasing 
temperature leads to increased solubility.  However, due to the complexity of iron metal 
oxy/hydroxide systems and the insufficiently well known temperature dependences of the 
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thermodynamics of the various hydrated equilibrium partners, the temperature 
dependences of the solubilities of Fe
II
 and Fe
III
 hydroxides are not well known above 
room temperature [37, 38]. 
 The solubilities of the more stable iron oxides, such as Fe3O4, are better defined at 
elevated temperatures.  The pH dependence of Fe3O4 solubility is very similar to the 
solubility of the summation of all Fe
II
(aq) and Fe
III
(aq) species in acid-base equilibrium at 
25 °C, Figure 5.15.  The combined solubility (simple arithmetic average) has a minimum 
between pH 10 and 11 [39].  For Fe3O4, as temperature is increased, the solubility 
minimum of shifts to a lower pH (approximately 1.5 pH unit per 100 °C increase).  At the 
same time the solubility increases by approximately five times per 100 °C increase [39].  
The combined solubilities of Fe
II
(aq) and Fe
III
(aq), are expected to follow similar trends 
with the solubility minimum shifting to a lower pH and increasing in magnitude. 
 
5.4.2.2 Effect of pH on Oxide Growth 
  Corrosion starts with the conversion of Fe
0
 to Fe
II
 at the metal/water interface.  
Some of this Fe
II
 will dissolve to form Fe
II
(aq).  As the concentration of Fe
II
(aq) grows in 
the metal/water interface region, some will diffuse into solution and some will come out 
of solution as solid Fe(OH)2(s) which will condense on the adjacent solid surface.  
Initially this will be on a bare metal surface, but that will quickly be covered by a layer of 
metal oxide if the oxide solubility is low, as is the case for iron at high pH (at or above 
pH 8.4).  Due to the thermodynamic stability of Fe3O4, the initially formed Fe(OH)2(s) can 
be converted by further oxidation to a mixed Fe
II
 and Fe
III
 oxide (i.e. Fe3O4) at a fast rate.  
The metal oxidation prior to the film deposition is limited to the reactive sites, i.e., the 
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grain boundaries, which can result in a dependence on the underlying microstructure on 
growth of the interfacial layer.  There did appear to be some evidence that in pH 10.6 
0 mM borate, the interfacial layer, which was thickest in this case (Table 5.3), had a 
directional growth, Figure 5.10b.  The fast initial oxidation results in the carbon steel 
surface being quickly covered by a uniform layer (largely composed of Fe3O4).  Once a 
uniform layer is established, the rate of further oxidation may be controlled by mass and 
charge transport through the layer and this slows down the metal oxidation rate.  This 
results in horizontal growth of the layer that slowly evens out, creating a surface on 
which the electrochemical reactions occur uniformly.  Further oxidation moves the front 
of the interfacial region, while the oxide grows. 
 At lower pHs (e.g., pH 6.0) the Fe
II
(aq) solubility is higher.  At this pH the 
condensation of Fe(OH)2(s) is not as favoured and more Fe
II
(aq) will diffuse away from the 
metal/water interface into the bulk solution.  This will result in the slower growth of a 
uniform layer on the metal, resulting in less impedance to mass and charge transport.  
Therefore; further metal oxidation will occur faster than at a higher pH.  A fraction of the 
Fe
II
(aq) can also be oxidized to Fe
III
(aq).  The solubility of hydrated Fe
III
(aq) at pH 6.0 is 
much lower than the solubility of Fe
II
(aq) and would favour the formation of a species like 
-FeOOH(s).  However, when the concentrations of hydrated Fe
II
 and Fe
III
 species near 
the metal/water interface eventually reach the solubility limit of Fe3O4, formation of this 
thermodynamically more stable species will be favoured, and condensation of Fe3O4 
particulates on the surface will occur.  The surface coverage of the Fe3O4 particulates is 
thus not uniform initially.  As corrosion proceeds the particulates accumulate, coalesce, 
and eventually form a Fe3O4 layer, however, the rate to obtain surface coverage is slower 
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than pH 10.6.  The cross section of the oxide film formed this way is very porous and 
uneven, Figures 5.10c and 5.11b. 
 The pathway for oxidation can vary with pH.  At high pHs (pH 8.4 and 10.6) low 
iron oxide solubility leads to the early formation of an interfacial layer which controls 
further oxidation.  At lower pHs (pH 6.0) high iron oxide solubility delays uniform film 
growth and the oxide largely forms from the coalescing of large Fe3O4 crystals.  This 
results in a much more porous oxide film that is much less protective, allowing relatively 
higher rates of mass and charge transport through the film.  The oxide would be less 
protective of the underlying metal and this will further drive Fe oxidation.  The effect of 
the lack of protection due to porosity can be seen through the large range in oxide 
thickness at 170 h (500 - 2000 nm) and the uneven base metal structure, Figure 5.11. 
 At all pHs, for long term oxide growth, the metal dissolution is limited to the 
dissolution of the outer surface, and thus depends on the combined rates of surface 
hydration and the diffusion of the hydrated metal ion species. 
 
5.4.2.3 Effect of Temperature on Oxide Growth 
 Increasing temperature leads to an increase in the rate of corrosion and the 
thicknesses of the oxide films that are grown for the temperatures studied.  At pH 10.6 a 
uniform, compact, and thin oxide film is formed at 80 °C (< 10 nm after 170 h).  At 
150 °C the oxide film is much thicker, but still uniform and compact (hundreds of nm to 
a few m).  The composition of these films was independent of the electrolyte. 
 At pH 8.4, the films grown at different temperatures varied.  At 80 °C uneven 
Fe3O4 deposits formed.  At 150 °C, a more uniform interfacial layer was formed upon 
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which further growth occurred via a similar oxidation mechanism to that at pH 10.6.  The 
differences in film formation at pH 8.4 may be due to the contribution of the Schikorr 
reaction [40]: 
3 Fe(OH)2    Fe3O4  +  2 H2O  +  H2               (5.5) 
This reaction will occur with Fe(OH)2(s) on the metal coupon surface and will be faster at 
150 °C than at 80 °C, accelerating the formation of a uniform Fe3O4 layer.  After the 
formation of a uniform Fe3O4 layer and over prolonged oxide film growth, temperature 
largely influences processes related to dissolution by both increasing the rate of surface 
hydration as well as the diffusion rate.  This can be seen in surfaces at 150 °C, which 
showed a filament-like surface structure, most likely resulting from an increased rate and 
preferential dissolution of Fe
II
(aq) from the oxide surface [41], (Figure 5.6) and Raman 
spectra (Figure 5.8), which showed the increased presence of a range of surface hydrated 
species. 
 
5.4.2.4 Effect of Electrolyte Concentration on Oxide Growth 
In tests, the electrolyte concentration was altered by changing the concentration of 
a dissolved sodium borate buffer.  The borate ion concentration affects the ionic strength 
of an aqueous solution.  This affects the Debye length, or the characteristic thickness of 
the electric double layer at an interface, with a higher concentration electrolyte resulting 
in a thinner double layer [42].  This change in the double layer thickness affects the 
potential distribution across the oxide/solution region and the charge transport behaviour 
in the double layer region.  Additionally, a thinner double layer can lead to a steeper 
diffuse layer (concentration gradient) at the interface and increase the rate of mass 
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transport of a metal cation away from the charged surface.  The net effect of changing the 
electrolyte concentration will depend on the relative contributions of the potential-
dependent metal oxidation rate and the metal cation mass transport rate to the net 
corrosion rate. 
During the initial stage of corrosion on carbon steel, the metal oxidation rate is 
partially limited by the mass transport rate of the metal cation away from the interface, 
particularly at higher pHs.  Thus, an increase in the electrolyte concentration decreases 
the thickness of the interfacial layer and increases the rate of metal dissolution.  However, 
once a uniform oxide film is formed, the rate of charge transport through the oxide film 
to the water interface is slowed and the rate of metal ion mass transport away from the 
interface is no longer rate determining.  At 80 °C for all pH 10.6 samples the rate of the 
oxide film growth is observed to be nearly linear over 20 h to 170 h, Figure 5.4.  The rate 
of the film growth is slightly slower in a higher electrolyte concentration solution.   The 
decrease in film growth rate means either that the net metal oxidation rate decreases or 
that the net metal oxidation rate remains the same but the metal dissolution is promoted 
preferentially over the oxide growth in a higher electrolyte concentration solution.  As a 
result we observed that at pH 10.6 and 80 °C the oxide thickness decreased with an 
increase in borate concentration in solution.  As well, the amount of iron dissolved in 
solution was higher in a 10 mM borate solution than in lower concentration borate 
solutions.  Similar trends were observed at 150 °C.  The effect of electrolyte 
concentration on the surface hydration and dissolution of the hydrated species from the 
oxide surface resulted in subtle changes in the morphology of corrosion at pH 10.6, 
Figure 5.6.  Also, comparison of the interfacial region and the oxide films formed in 0 
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and 10 mM borate solutions at pH 10.6 (Table 5.3) show that films were thinner in the 
higher concentration borate solutions. 
 
5.5 CONCLUSIONS 
The oxide formed on carbon steel in deaerated water is Fe3O4, independent of pH, 
temperature and electrolyte concentration, over the ranges tested.   However, the growth 
rate kinetics, morphology, thickness of the oxide film, and the amount of metal ion 
dissolution depend on the solution parameters.  The varying solution parameters affected 
both the initial reactions on the bare metal surface and the long term corrosion of a 
growing oxide film.  
 Increasing the temperature increases the rate of iron dissolution, but it also 
accelerates the formation of Fe3O4 via the Schikorr reaction and this results in thicker 
oxide films.  At pH 10.6, the oxide film formed on carbon steel is compact and uniform 
and does not show any localized corrosion, whereas at pH 6.0 the surface film formed is 
more porous and uneven.  Metal dissolution decreases with an increase in pH and this is 
due to the pH dependence of the solubilities of ferrous and ferric ions.  The low iron 
hydroxide solubility at pH 10.6 results in the fast formation of a uniform, thin layer.  
Higher electrolyte concentrations lead to a thinner oxide film and an increased amount of 
dissolved metal.  This is attributed to the influence of the electrolyte concentration on the 
double layer at the metal/water interface.  The change in the double layer structure affects 
the potential distribution across the interfacial region and the charge transport behaviour 
in the diffuse double layer region.  The net effect is an increase in metal dissolution and a 
decrease in the oxide growth rate.  The implication of the results is that changing solution 
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parameters not only affects the rates of various processes involved in the corrosion 
process, but it may also affect the mechanism pathway under which corrosion occurs. 
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Chapter 6 
 
Varying Effect of -Irradiation on Carbon Steel Corrosion Depending on Solution 
pH, Temperature and Electrolyte Concentration 
 
 
6.1 INTRODUCTION 
 The electrochemical studies at room temperature and pH 10.6, Chapter 4, showed 
regardless of initial sample oxidation, the corrosion potential of carbon steel increased by 
roughly 0.6 V when exposed to gamma irradiation.  The increase in corrosion potential 
was also accompanied by an increase in Fe
III
 content in the oxide and an increase in oxide 
film resistance.  The changes in potential and oxide structure were attributed to the 
formation of H2O2 via water radiolysis. 
 In Chapter 5, carbon steel coupon corrosion experiments were performed without 
irradiation under a number of ranging solution conditions: temperature (80 °C and 
150 °C), pH25°C (6.0, 8.4 and 10.6) and electrolyte concentration (0, 1 and 10 mM borate).  
In this Chapter, identical experiments have been performed with exposure to gamma 
irradiation in order to isolate the effects of gamma irradiation, and specifically, water 
radiolysis, on the oxidation mechanism of carbon steel.  Additional experiments were 
performed with the chemical additions of an oxidant, O2, to compare to the effects of 
bulk phase water radiolysis. 
 
6.2  EXPERIMENTAL 
 The experimental setup and procedure is identical to that reported in the absence 
of irradiation, Chapter 5.  The only difference for these experiments was the use of two 
different cover gases and a gamma irradiation source.  The irradiation of the system 
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began as the system was heated.  As in Chapter 5, all pHs are with respect to 
measurement at 25 °C.  The final pH measured after experiments for all solutions were 
similar to the equivalent experiments without radiation, Table 6.1. 
 
Table 6.1: Changes in pH for all solutions studied. 
80 °C 
Initial pH 8.4 10.6 10.6 
Borate (mM) 10 1 10 
Time (h) 20 66 170 20 66 170 20 66 170 
Final pH 8.7 8.7 8.6 9.9 9.6 9.5 10.2 10.2 9.9 
 
150 °C 
Initial pH 6.0 8.4 10.6 10.6 
Borate (mM) 0 10 0 10 
Time (h) 20 66 170 20 66 170 20 66 170 20 66 170 
Final pH 7.3 6.4 6.1 nd
1
 nd
1
 8.7 8.7 8.3 8.7 9.9 9.9 9.8 
1. not determined 
 
6.2.1 Cover Gas 
6.2.1.1 Argon Cover Gas  
 For deaerated experiments, the placement of the coupons in the vials, addition of 
solution, loading of the pressure vessel, and sealing of the pressure vessel occurred inside 
an Ar-purged glove box.  Unless specifically noted, all experiments were under deaerated 
conditions. 
 
6.2.1.2 Oxygen 
 For aerated experiments, the solutions were pre-purged with hydrocarbon free air, 
21 % O2, (Praxair) and the placement of coupons in the vials, addition of solution, and 
sealing of system was done in an open atmosphere environment. 
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6.2.2  Gamma Radiation Source 
All irradiation experiments were conducted in a MDS Nordion Gammacell 220 
Excel Cobalt-60 irradiator.  The vessel was positioned inside the gammacell sample 
chamber, and the chamber was lowered into the gammacell irradiation zone, consisting of 
11 tubular pencils containing 
60
Co.  The dose rate during the period of experimentation 
was ~5.5 kGyh1.  
 
6.3 RESULTS 
6.3.1 Corrosion at 80 °C 
6.3.1.1 Effect of Radiation and Electrolyte Concentration at pH 10.6 
The SEM micrographs of the surfaces corroded in the absence and the presence of 
-radiation are compared in Figure 6.1.  Although the surfaces corroded for 20 h and 
170 h were also examined, only 66 h results are presented.  Under a given set of solution 
conditions, the surface morphology did not change significantly with corrosion time.  At 
pH 10.6 and 80 °C, the surfaces corroded in the absence and presence of radiation are 
very similar, Figure 6.1.  The surfaces are largely featureless with polishing marks still 
visible on all of the surfaces, indicating the oxide films are very thin.  The density of 
small pin-holes is much smaller on the irradiated samples than unirradiated samples.  The 
origin of the 'pin-holes' is not completely clear.  However, the diameters of the holes are 
nearly the same and the presence of these holes has no visible effect on the neighbouring 
areas. 
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Figure 6.1: SEM micrographs of the carbon steel coupon surfaces after 66 h in all 
solutions at 80 °C for irradiated and unirradiated experiments. 
 
 
The oxide film thickness analyzed using XPS as in Chapter 5 and as previously 
reported [1-3] is shown in Figure 6.2.  The results obtained for irradiated samples are 
compared with those without radiation.  At pH 10.6 under irradiation conditions the oxide 
thickness initially increased with time but the oxide growth slows down and there is very 
little change in the thickness between the samples corroded for 66 h and 170 h.  Under 
unirradiated conditions, the oxide growth increased initially at a slower rate, but the 
growth continued at a linear rate up to 170 h, the longest time studied.  Thus, at shorter 
times (20 h), a thicker oxide is formed on the irradiated carbon steel than on the 
unirradiated sample.  However, at longer times the oxide formed on unirradiated carbon 
steel can grow thicker.  Under both irradiated and unirradiated conditions, thicker oxides 
are formed in a lower electrolyte concentration solution.  As proposed in the study in 
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borate
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Chapter 5, the increase in electrolyte concentration preferentially increases the 
dissolution over the solid oxide formation from the oxidized metal.   
 
 
Figure 6.2: Fitting analysis of high-resolution Fe-2p XPS spectra to determine the 
thickness of a Fe3O4 oxide layer 80 °C for (a) irradiated and (b) unirradiated experiments. 
 
 
The Raman spectra of the surfaces corroded for 170 h show a peak at ~ 670 cm
–1
, 
Figure 6.3.  Comparison of the spectra with the reference spectra taken with single-
phases oxides indicate this oxide is mainly composed of Fe3O4 [4].  No other identifiable 
oxide peaks are present.  The weak peak above 800 cm
–1
 has been previously observed in 
studies on iron and carbon steel oxidation at room temperature and has been attributed 
adsorbed carbon contamination originating from CO2 [5, 6].  The increase in the 
background intensity at high wavenumbers was also seen in the no radiation case.  Due to 
the thin oxide, reflective surface and poor scattering probability of Fe3O4, the Raman 
signals from the surfaces corroded under both irradiated and unirradiated conditions are 
very weak.  
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Figure 6.3: Sample Raman spectra of carbon steel coupon surfaces after exposure to all 
solutions at 80 °C for 170 h for (a) irradiated and (b) unirradiated experiments.  The 
bracketed numbers are the magnification of the Raman intensity signal. 
 
 
Measurements of the dissolved iron concentration after 170 h experiments, as 
determined by inductively-coupled plasma mass spectrometry (ICP-MS) analysis, are 
shown in Table 6.2.  The dissolved metal ion concentration shows a small increase with 
an increase in electrolyte concentration under both irradiated and unirradiated cases.  For 
a given electrolyte concentration, -irradiation also slightly increases the dissolved metal 
ion concentration.  
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Table 6.2: Iron concentration in solution after 170 h. 
pH Borate (mM) 
Iron concentration (ppb) 
Radiation No Radiation 
80 °C 
8.4 10 nd
1
 nd
1
 
10.6 1 53 36 
10.6 10 89 57 
 
150 °C 
6.0 0 4500 3000 
8.4 10 620 420 
10.6 0 310 110 
10.6 10 690 640 
1. not determined 
 
 
6.3.1.2 Effect of Radiation at pH 8.4 
The effect of radiation at pH 8.4 and 80 °C was studied only in 10 mM borate 
solutions.  Radiation had a more profound affect at this pH than at pH 10.6.  The surface 
of the unirradiated sample shows large, unevenly distributed deposits on a more compact 
underlying layer, Figure 6.1.  The surface of the irradiated sample shows the underlying 
compact layer more clearly, much smaller particulate deposits and higher density of small 
pin-holes.  The Fe-2p band in the high resolution XPS of the unirradiated surface at pH 
8.4 had no observable metallic Fe
0
 component, suggesting that the oxide formed at as 
early as 20 h is thicker than ~15 nm, the analysis depth of the XPS.  On the other hand, 
the oxide on irradiated carbon steel (Figure 6.2) was thinner than 10 nm for the 20 h and 
66 h corroded samples and thicker than 15 nm only for the 170 h corroded sample.  The 
177 
 
Raman spectra of the samples corroded for 170 h under both irradiated and unirradiated 
conditions (Figure 6.3) show a peak at 670 cm
–1
, corresponding to Fe3O4. 
 
6.3.2 Corrosion at 150 °C 
6.3.2.1 Effect of Radiation and Electrolyte Concentration at pH 10.6 
The SEM micrographs of coupon surfaces at a low magnification are presented in 
Figure 6.4.  The surfaces for both pH 10.6 solutions and all irradiation times were 
generally featureless with no areas of differing or localized corrosion.  For the 10 mM 
borate solutions, the underlying microstructure was visible at 20 and 66 h, suggesting the 
oxide was thin enough to observe the microstructure.  The underlying microstructure was 
also observed in 0 mM borate at 20 h (not shown).  Similar results were seen for 
unirradiated samples.  Additional high magnification SEM images for the 10 mM cases 
are compared to the unirradiated samples, showing a similar filament-like topology, 
Figure 6.5.  A slight difference can be observed between the two cases, in which little to 
no change in surface topology was observed under radiation, while the filament-like 
structure underwent some changes with time, largely between 20 and 66 h, for the 
unirradiated case.  
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Figure 6.4: Low magnification SEM micrographs of the steel coupon surfaces after 66 h 
at 150 °C for irradiated and unirradiated experiments. 
 
 
 
Figure 6.5: High magnification SEM micrographs of the steel coupon surfaces in pH 
10.6 10 mM borate at 150 °C for irradiated and unirradiated experiments. 
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Cross-section analysis was performed for 66 and 170 h samples.  The 
cross-section morphologies were very similar to those without radiation.  An example of 
the pH 10.6, 10 and 0 mM borate samples are shown in Figure 6.6.  
 
 
Figure 6.6: SEM images of the cross section of the carbon steel coupons subject to 170 h 
heating at 150 °C for pH 10.6 0 mM borate and pH 10.6 10 mM borate for irradiated and 
unirradiated experiments. 
 
 
Analysis by TEM on the samples corroded for 170 h showed similar features to 
those observed with no radiation, Figure 6.7.  An interfacial region, which was described 
in detail in the no radiation summary, was clearly observable in the 0 mM borate case.  
The thickness of the interfacial region and total oxide film determined from SEM and 
TEM are summarized in Table 6.3.  The thicknesses from the no radiation samples are 
provided for direct comparisons.  The trend of a thicker interfacial region corresponding 
to a thicker bulk oxide continued. 
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Figure 6.7: TEM images of the cross section of the carbon steel coupons subject to 170 h 
heating at 150 °C for pH 6.0 0 mM borate and pH 10.6 0 mM borate for irradiated and 
unirradiated experiments. 
 
 
 
Raman analysis was performed for all samples and a comparison is shown for 
66 h samples in Figure 6.8.  They showed the oxide to be largely composed of Fe3O4 [4].  
The only difference between the spectra were some differences in signal intensity, where 
lower intensities were seen for 10 mM borate cases compared to 0 mM borate cases.  
These differences mostly arise from varying surface roughness and thickness of the 
oxide. 
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Figure 6.8: Raman spectra of carbon steel coupon surfaces after exposure for 66 h at 150 
°C for (a) irradiated and (b) unirradiated experiments.  Labelled are concentrations of 
borate and increase in magnification of intensity is indicated in brackets. 
 
Measurements of the dissolved iron concentration after 170 h experiments, as 
determined by ICP-MS are shown in Table 6.2 and were found to be higher compared to 
the corresponding unirradiated cases. 
 
Table 6.3: Oxide thickness for samples corroded at 150 °C. 
 
pH 
Borate 
(mM) 
Oxide Film Thickness 
Radiation No Radiation 
66 h 170 h 66 h 170 h 
6.0 0 0.5-1.6 μm 2.0-3.2 μm nd
1
 0.5-2.0 μm 
8.4 10 nd
1
 
1.0 μm  
(200 nm)
2 1.5 μm 
1.8 μm  
(170 nm)
2 
10.6 0 2.2 μm 
2.9 μm     
(525 nm)
2 1.5 μm 
3.0 μm     
(400 nm)
2 
10.6 10 0.14 μm 
0.20 μm       
(< 50 nm)
2 0.35 μm 
0.48 μm       
(< 50 nm)
2 
1. not determined 
2. thicknesses of the metal/oxide interfacial region determined by TEM. 
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6.3.2.2 Effect of Radiation with Varying pH 
The varying effect of radiation on carbon steel corrosion at 150 °C depending on 
pH was studied at pH 10.6 and pH 6.0 in 0 mM borate solutions, and at pH 10.6 and pH 
8.4 in 10 mM borate solutions.  The SEM images of the surfaces corroded for 66 h are 
compared in Figure 6.4 and cross-section morphologies are shown in Figure 6.9.   
 
 
Figure 6.9: SEM images of the cross section of the carbon steel coupons subject to 170 h 
heating at 150 °C for pH 6.0 0 mM borate and pH 8.4 10 mM borate for irradiated and 
unirradiated experiments. 
 
 
Compared to the uniform and even oxide at pH 10.6, at pH 6.0, octahedron-like 
deposits 500 nm to 1 μm in size were dispersed on the surfaces at all irradiation times.  
Mineral Fe3O4 commonly forms uniform octahedral crystals that can grow to many 
centimetres in size [7].  While some deposits were observed for pH 6.0 unirradiated 
samples, the deposits were less frequent and had a less defined shape.  An additional 
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sample was analyzed for 20 h under irradiation in a solution of purely deionized water, 
pH 7.0.  The oxide structure was identical to that observed at pH 6.0, Figure 6.10.  Unlike 
at pH 10.6, the oxides at pH 6.0 were thicker than the corresponding unirradiated 
samples, Table 6.3. 
 
Figure 6.10: SEM micrographs of the steel coupon surfaces after 20 h at 150 °C in 
solutions of (a) pH 6.0 and (b) pH 7.0. 
 
 
At pH 8.4, the surface had a similar flat and featureless surface to those at pH 
10.6, except additional spots of oxide deposits were seen across the surface at all 
corrosion times, similar to the unirradiated samples, Figure 6.4.  In 10 mM borate, the 
oxides at pH 8.4 were thicker than pH 10.6, but like at pH 10.6, the oxides were thinner 
than the corresponding unirradiated samples, Table 6.3.   
 
6.3.3 Corrosion at 150 °C in Aerated Conditions 
Aerated experiments were performed for pH 6.0 and 10.6, 0 mM borate samples 
both with and without radiation.   Under aerated conditions, very little difference was 
observed between samples either with or without radiation, however differences were 
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observed from the deaerated samples.  The SEM micrographs show a surface oxide of 
coalesced spheres with some platelets throughout, Figure 6.11.  Raman spectra showed 
the presence of α-Fe2O3 Figure 6.12. 
 
 
Figure 6.11: SEM micrographs of the carbon steel coupon surfaces in aerated systems 
subject to 66 h heating at 150 °C for pH 10.6 0 mM borate and pH 6.0 0 mM borate for 
irradiated and unirradiated experiments. 
 
 
Figure 6.12: Raman spectra of the carbon steel coupon surfaces in aerated system after 
66 h at 150 °C for irradiated and unirradiated experiments. 
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After a 66 h corrosion time, cross-section analysis was performed for pH 10.6 
0 mM borate and found the oxide thickness to be 130 nm without radiation and 150 nm to 
170 nm with radiation.  Therefore, the oxide films in aerated conditions for pH 10.6, 
0 mM borate had thicknesses that were approximately 10 % of the deaerated cases.  
Visually, the coupons showed non-uniform surfaces, Figure 6.13.  At pH 6.0, the surface 
was covered with varying amounts of a brown and black oxide, and at 10.6 the corrosion 
products had a top orange-red oxide, which was likely α-Fe2O3, that flacked off when the 
coupon was removed from solution, exposing an underlying black oxide, likely Fe3O4. 
 
 
Figure 6.13: Photographs of the carbon steel coupon surfaces in aerated system after 66 
h at 150 °C under radiation conditions. 
 
 
6.4 DISCUSSION 
 In the previous study deconvoluting the effects of solution parameters, it was 
determined that the changing solution parameters can affect the relative rates of various 
corrosion related processes and as a result, affect which oxidation pathway is followed.  
The general oxidation process was seen to occur through the initial oxidation on a bare 
a) b)
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metal surface, which at 150 °C resulted in the formation of a distinct metal/oxide 
interfacial layer, followed by further bulk oxide (Fe3O4) growth.  Discussed below are the 
effects of irradiation on the initial oxidation process on the bare metal surface and on the 
prolonged oxide film growth, along with the coupled effects of changing solution 
parameters.  Finally, the effects of two possible oxidants (H2O2 or O2) are compared. 
 
6.4.1 Initial Oxidation Process on a Bare Metal Surface 
As discussed in Chapter 5, the initial oxide process involves horizontal growth of 
an interfacial region that slowly evens out, creating a surface on which the 
electrochemical reactions occur uniformly.  The combined results suggested the 
interfacial region is a less dense Fe3O4 that is highly hydrated.  The non-uniform nature, 
low density and dependence on solution conditions suggest that the initial oxide growth 
involves a dissolution and precipitation process.  Under the highly oxidizing radiation 
conditions, the oxidation of a bare metal surface would be enhanced, with an increased 
level of iron dissolution and subsequently increased formation of the intial layer would be 
expected.  Limited ICP-MS analysis, Table 6.2, showed a slight increase in iron 
concentration under irradiation conditions.  The increase in iron concentration is likely 
resulting from the initial high overpotential on the bare metal surface, and initially high 
corrosion rates.  In systems in which an initial uniform Fe3O4 layer forms (pH 8.4 and 
10.6) the dissolution would be expected to drop significantly from the high rates on the 
bare metal surface.  This also agrees with previous comparisons of steel corrosion under 
irradiation conditions, which found an initial spike in the corrosion rate of bare steel 
when exposed to gamma radiation.  After the initial spike, the corrosion rates quickly 
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lowered to those similar to the unirradiated samples [8-10].  Also, as the interfacial region 
is established and irradiation continues to result in a higher net metal oxidation rate, the 
increase in metal oxidation rate not only results in increased dissolution, but also an 
increased injection of oxidized iron into the interfacial region.  During bulk oxide growth, 
discussed below, the iron is further transported through the bulk oxide, either thickening 
the oxide, or eventually dissolving.  An increase in net metal oxidation was observed in 
TEM micrographs, where the metal/oxide interfacial region was found to be thicker 
under irradiation cases compared to the corresponding unirradiated samples, Table 6.3. 
At pH 6.0, the lack of a clear interfacial region was determined to result from the 
higher solubility of Fe
II
(aq), Chapter 5.  The relative solubility would not be affected by 
irradiation, and thus no difference was seen from the unirradiated sample.  The oxide 
continued to be composed of a mixed filament-like structure, with no defined interfacial 
region, Figure 6.7. 
 
6.4.2 Prolonged Growth of an Oxide Film 
6.4.2.1 Effect of pH with Irradiation 
At pH 10.6, the surface and cross-section morphologies were similar to those 
without radiation (a uniform and compact Fe3O4 oxide film grown on the initially formed 
interfacial region).  However, the total oxide thicknesses were thinner under irradiation, 
Table 6.3.  An exception to this is the 66 h, 0 mM borate case.  As discussed previously 
in the study of electrolyte conditions, the rate of oxide growth and approach to steady 
state is influenced by electrolyte concentration.  As time was extended to 170 h the 
radiation and no radiation coupons were of similar thickness in the 0 mM borate cases.  It 
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appears as though after the initially accelerated corrosion rate on the bare metal surface, 
the rate of further oxidation dropped, compared to unirradiated samples, once a uniform 
Fe3O4 layer was formed.  Similarly at 80 °C, the oxides initially grew thicker under 
irradiation conditions compared to unirradiated samples, Figure 6.2.  However, as 
corrosion time progressed almost no change in thickness was observed between 66 h and 
170 h for irradiated samples, while unirradiated samples showed linear oxide growth 
rates between 20 and 170 h.  This suggests a faster approach to steady state under 
irradiation conditions.  Additionally, at pH 10.6 and 150 °C under unirradiated 
conditions, the filament-like topology becomes more and more refined with time, 
suggesting preferential dissolution of certain sites from the oxide; for example, 
preferential dissolution of Fe
II
 over Fe
III
 from the mixed Fe
II
/Fe
III
 oxide (Fe3O4) surface, 
Figure 6.5.  Under irradiation conditions, the refined structure shows up early (at 20 h) 
but the size of the filaments did not significantly change with time, Figure 6.5.  These 
observations suggest that the dissolution is initially high, but further dissolution is 
suppressed at later times under irradiation conditions and a faster approach to steady state 
occurs. 
 At pH 8.4 and 150 °C, the surface (Figure 6.4) and cross-section morphologies 
(Figure 6.9) were similar to those without radiation, however, the oxides were thinner, 
Table 6.3.  At 80 °C the unirradiated and irradiated systems were markedly different.  
After 20 and 66 h, the oxide was observably thinner under irradiation (Figure 6.2) and the 
extent of deposits on the underlying surface was decreased significantly under irradiation, 
Figure 6.1.   In unirradiated systems, the increase in deposits was attributed to an uneven 
Fe3O4 formation on the surface.  Under irradiation, while the oxide continues to be 
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largely composed of Fe3O4 (Figure 6.3) the results suggest an increased rate in surface 
coverage, with slowed or suppressed further oxide growth.  
At pH 6.0, where the solubility of Fe
II
(aq) is higher, the oxide growth was identical 
to that without radiation, showing an uneven and porous oxide, with large octahedral 
Fe3O4 deposits.  This was presumed to form from the high solubility of Fe
II
(aq) (and to a 
lesser extent Fe
III
(aq)) , which eventually reaches the solubility limit of Fe3O4 near the 
metal/water interface and condensed out of solution.  An additional experiment, 
performed with pH 7.0 deionized water, which would have similar solubilities of Fe
II
(aq) 
and Fe
III
(aq), showed an identical surface structure, Figure 6.10.  At pH 6.0, a difference 
from the unirradiated experiments was an increase in the thickness of the oxide.  As 
observed in the solution parameter study, the oxide formed at pH 6.0 is expected to 
provide limited passivity.  For an oxide with limited passivity, or a small potential drop 
across the oxide, the increased overpotential due to water radiolysis products would be 
expected to increase the corrosion rate of the carbon steel.  This resulted in an increased 
rate in Fe
0
 to Fe
II
 oxidation.  Additionally if the presence of oxidizing water radiolysis 
products increased the oxidation of Fe
II
(aq) to Fe
III
(aq) near the metal/water interface, the 
solubility limit of Fe3O4 would be achieved faster, resulting in increased Fe3O4 formation.  
This resulted in smaller, yet more defined Fe3O4 crystals (Figure 6.10) that further 
coalesced to create an oxide thicker than that observed without radiation, Table 6.3. 
 The pathway for oxidation can vary with pH.  At high pHs (pH 8.4 and 10.6) low 
iron oxide solubility leads to the early formation of an interfacial layer, upon which bulk 
Fe3O4 oxidation occurs.  At lower pHs (pH 6.0) high iron oxide solubility delays uniform 
film growth and the oxide largely forms from the coalescing of large Fe3O4 crystals.  It is 
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clear that irradiation is affecting these two pathways differently.  At high pHs irradiation 
is increasing the initial growth rate, yet supressing long term growth, while at low pHs 
irradiation is increasing the formation rate of an uneven Fe3O4 surface.  
 
6.4.2.2 Effect of Temperature with Irradiation 
The irradiation studies at room temperature in 10 mM borate solutions (Chapter 4) 
have shown that under gamma irradiation the corrosion potential of carbon steel 
increases, regardless of any initial oxide film on the steel surface.  The increase in 
potential moves carbon steel from a region of oxidation forming Fe3O4 to a region where 
further oxidation of Fe3O4 to -Fe2O3 can occur.  Electrochemical and surface analysis 
showed the relative amount of Fe
III
 content in the oxide film to increase and the 
resistance of the oxide film to increase.  The increase in corrosion potential was 
determined to be due to H2O2, which is produced by water radiolysis.  At room 
temperature, irradiation was able to provide enough energy to the system to increase the 
corrosion potential from a described Ox I to the higher potential end of a described Ox II, 
Figure 6.14.   
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Figure 6.14: Corrosion potential as a function of time for carbon steel in pH25°C 10.6 
borate solutions at 25 °C in deaerated solutions, aerated solutions, and under gamma 
irradiation. 
 
 
 
 It is clear that gamma irradiation at 80 °C and 150 °C is not resulting in the 
formation of distinct Fe
III
 oxide phases, as appeared to be the case at room temperature.  
However, there may be a less noticeable effect of limited Fe
II
 to Fe
III
 oxidation at the 
Fe3O4/solution interface.  While not forming a distinct Fe
III
 phase, a limited oxidation 
may induce some passivity and somewhat limit further oxidation or dissolution.  At 
elevated temperatures, the thermal favourable formation of Fe3O4, partially via the 
Schikorr reaction, appears to be hindering the significant change in passivation observed 
at room temperature.  In a sense, there is a competition between the energy input of 
increasing temperature and the energy input from gamma irradiation. 
 One possible indication of increased Fe
III
 density from irradiation can be seen in 
the Raman spectra.  A secondary Raman peak for Fe3O4 at approximately 540 cm
–1
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related to asymmetric vibration of Fe
3+
 and O
2–
, with no bivalent cation involvement [4] 
and the exact position can vary somewhat in literature [4, 11].  The peak centred around 
530 - 560 cm
–1
 has also been observed during in-situ Raman spectroscopic studies during 
electrochemical formation of passive films on iron in borate solutions by Harrington et al. 
[12].  They attributed this peak to an undetermined Fe
III
oxide/hydroxide (i.e., partially-
hydrated Fe
III
 species) on the surface of an anodically-grown Fe3O4/-Fe2O3 layer.  
Irrespective of the role of the partially-hydrated Fe
III
 species, their studies show that a 
passive oxide layer on Fe3O4 is essential for the peak at 540 - 560 cm
–1
.  For samples at 
150 °C in which clear Raman spectra were observed in both the irradiated and 
unirradiated experiments, the ratio of the Raman peaks at 540 and 670 cm
–1
 as a function 
of pH and time was determined, Table 6.4. 
 
Table 6.4: Ratio of the Raman intensities at 540 cm
–1
 and 670 cm
–1
 
pH 
Borate 
(mM) 
I540/I670 
Radiation No Radiation 
20 h 66 h 20 h 66 h 
6.0 0 0.08 0.08 0.01 0.08 
10.6 0 0.29 0.45 0.25 0.25 
10.6 10 0.30 0.27 0.31 0.10 
 
 
For the pH 10.6, 0 mM borate samples, the ratio did not change much with time 
without radiation and increased greatly with radiation, leading to a much higher ratio with 
radiation than without radiation at 66 h.  While again, a much higher ratio with radiation 
compared to that without radiation is observed for the 10 mM borate case, the change 
from 20 h is different.  The ratio dropped in the unirradiated cases from 20 to 66 h, while 
193 
 
there was very little change with time for the irradiated cases.  This difference in time 
effects for 10 mM and 0 mM borate at pH 10.6 is not clear.  The difference in ratios 
observed may result from the crystallinity of the Fe3O4 layer, since the relative 
amorphous/crystalline nature of the oxide can affect the relative intensity of a minor peak 
of Fe3O4 at approximately 540 cm
–1
 [4].  At pH 6.0 a difference was observed at 20 h, 
however no difference is seen at 66 h.  While perhaps qualitative, it does provide 
evidence of Fe3O4 oxidation under irradiation conditions.  With increased oxidation of 
Fe
II
 to Fe
III
 and the formation of a more “-Fe2O3-like” surface oxide layer, a certain level 
of increased passivation would be expected.  Raman analysis suggests that a clear 
-Fe2O3 signal is not present and it may be best to present the oxide as an oxidized Fe3O4, 
with an increased density of Fe
III
 (Fe
II
1Fe
III
2+xO4+3x/2). 
 An additional observation to note is that for the irradiation studies at room 
temperature, when the carbon steel had a pre-grown oxide of Fe3O4 (polarized at              
–0.7 VSCE), the corrosion potential response to irradiation was slower than those 
pre-grown with more Fe
III
 oxides present, Chapter 4.  Perhaps the growth of Fe3O4, which 
under the elevated temperature conditions has been observed to increase, has a minor 
impact on the corrosion effects of water radiolysis products. 
For the current study, an additional experiment was performed in which a 
different oxide was pre-grown on the coupon surface before the combined high 
temperature and irradiation studied.  For the experiment, pH 10.6, 0 and 10 mM borate 
samples were irradiated at room temperature for 24 h, followed by a combined heat and 
irradiation at 150 °C for 170 h.  The previous study (Chapter 4) observed that carbon 
steel samples in irradiated systems at room temperature were composed of a mixed 
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Fe3O4/-Fe2O3 oxide.  In essence, this allowed for water radiolysis products to be 
introduced into the system and achieve a steady state before the system was heated.  
Although a weak signal was observed, Raman spectra for both samples only clearly 
showed the presence of Fe3O4, Figure 6.15.  
 
 
Figure 6.15: Raman spectra of carbon steel coupon surfaces after room temperature 
radiation, followed by radiation exposure and heating at 150 °C for 170 h. 
 
 
Cross-section analysis found the oxide in 10 mM borate to be just below the 
detection limit of thickness, or a thickness < 30 nm, and the oxide in 0 mM to be 1.2 μm 
thick, Figure 6.16.  These oxide thicknesses are significantly less that those performed in 
identical solutions starting from a freshly polished sample that was heated and irradiated 
at the same time, Table 6.3.  Iron concentrations from ICP-MS were not determined for 
the 0 mM case, but were analyzed for the 10 mM case and found to be 450 ppb, which is 
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less than concentrations observed either with radiation and initial heating or without 
radiation.  Therefore, with the introduction of heating, Fe3O4 continued to be formed 
preferentially, but the growth was limited, indicating possible increased Fe
III
 density 
(Fe
II
1Fe
III
2+xO4+3x/2 formation). 
 
 
Figure 6.16: SEM micrographs of the carbon steel coupon surface and cross section after 
room temperature radiation, followed by radiation exposure and heating at 150 °C for 
170 h.  Shown are the (a) surface from pH 10.6 10 mM borate and (b) cross section from 
pH 10.6 0 mM borate. 
 
 
6.4.3 Effect of the Oxidant 
 It appears as though, while limited, irradiation is affecting the growth rate of the 
oxide film, most likely by increasing the driving force, or overpotential, via oxidizing 
water radiolysis products.  Another method used to increase the overpotential was 
through the chemical addition of an oxidant, specifically with aerated systems.  As shown 
electrochemically at room temperature, Figure 6.14, aeration resulted in an immediate 
change in ECORR into Ox II to values of approximately –0.35 VSCE, regardless of an initial 
pre-grown oxide film.  For pH 10.6 0 mM borate solutions, regardless of radiation or no 
radiation, the oxide was composed of a mixed oxide containing Fe3O4 and α-Fe2O3 with 
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thickness between 130 and 170 nm, Figures 6.11 and 6.12.  Comparison of irradiated and 
unirradiated samples in aerated conditions showed very little difference, suggesting that 
the additive oxygen was the dominant oxidizing species and any additional effects from 
water radiolysis products was minimal.  Under aerated systems the formation of α-Fe2O3 
resulted in oxides that were 10 % the thickness of the corresponding deaerated 
experiments.  The formation of α-Fe2O3 only with the addition of O2 to the system 
provides further evidence that even at temperatures up to 150 °C, the production of O2 as 
a water radiolysis is not the dominant oxidant in the system.  Similarly at pH 6.0, little to 
no difference was observed between the radiation and no radiation samples in aerated 
conditions.  Miyazawa et al. found that for stainless steel corrosion at 280 °C under 
oxidizing environments of either H2O2 or O2 significantly differing corrosion 
mechanisms were observed [13].  Under H2O2 the oxides were much thicker than O2 
cases and the thickness of the oxide films were seen to decrease as [H2O2] increased and 
increase as [O2] increased.  This matches with what we suspect of H2O2 being the key 
oxidizing species under irradiation and deaerated conditions and O2 being the key 
oxidizing species when it is chemically added to the system.  Miyazawa et al. solely 
attributed the decrease in thickness as [H2O2] increased due to increased dissolution rates 
and not changes in the oxide composition.  It is important to note that those studies were 
performed under neutral water conditions and higher temperatures than our studies, and 
therefore significantly higher dissolution rates would be expected.  They found a range of 
small to large coalesced particles on the surface.  Under less corrosive conditions, ferric 
ions were collected by Fe3O4 crystals and grew slowly, while under more oxidizing 
conditions (higher [H2O2]), higher concentrations of ferric ions led to a larger number of 
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Fe3O4 seeds, which grew quickly.  The surfaces at pH 6.0 and 7.0, showed similar 
coalesced crystals under irradiation (or H2O2 produced) conditions, Figure 6.10. 
 While both oxidation routes may result in Fe2O3 in varying amounts, the 
formation mechanism of γ-Fe2O3 and α-Fe2O3 on the growing Fe3O4 oxide are very 
different.  Under gamma irradiation conditions, the proposed oxidation of Fe3O4 via the 
water radiolysis product H2O2, produces an increase in Fe
III
 at the oxide/solution interface 
and a more -Fe2O3-like oxide at the oxide/aqueous interface (Fe
II
1-xFe
III
2+xO4).  This is a 
facile process due to both oxides having a cubic close-packed inverse spinel structure.  
This oxidation process has been well defined and has been shown to produce a 
homogenous blend inverse spinel oxide [14-19]. 
 With O2 being the key oxidant, α-Fe2O3 was more easily formed.  Since α-Fe2O3 
has a hexagonal close-packed structure, far different from Fe3O4, [7] the formation of 
α-Fe2O3 cannot follow the same solid-state process.  The surfaces of spherical and 
platelet structures appeared uneven, inhomogeneous, and highly porous, Figure 6.11.  
This resulted in uneven corrosion on the surface and a layered structure of Fe3O4 and 
α-Fe2O3 that were not well adhered.  Although α-Fe2O3 has a lower solubility than 
-Fe2O3, [7] the physical removal of α-Fe2O3 from the steel surface was much easier and 
surface coverage was much less uniform, Figure 6.13. 
 
 
6.5 CONCLUSIONS 
 
 The effect of the presence of ionizing radiation varies depending on the solution 
conditions.  This study demonstrates that at elevated temperatures and higher pHs, 
irradiation leads to the formation of a slightly more protective oxide film on carbon steel, 
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while it does not appear to offer a similar advantage at a neutral or acidic pH.  The oxide 
composition is mainly dependent on ECORR and not significantly influenced by solution 
pH, temperature or ionic strength.  However, these latter parameters do significantly 
affect the morphology and thickness of the oxide and the amount of metal dissolution.  
These effects arise from the solution parameter control of processes such as dissolution, 
condensation, and surface hydration.  The solution dependent processes influence the 
competition between the different reaction paths to form oxides, giving rise to the 
formation of unique films under each solution conditions.  Consequently, gamma 
irradiation increases the net metal oxidation rate, but it increases the metal dissolution 
preferentially over the oxide film formation with a decrease in pH and increases in ionic 
strength and temperature within the studied ranges.  The effects of gamma irradiation are 
believed to arrive from oxidizing water radiolysis products, and specifically, H2O2.  The 
chemical addition of an oxidant, O2, resulted in the formation of α-Fe2O3 and an oxide 
structure very different from those formed under gamma irradiation. 
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Chapter 7 
Effect of Dissolved Ferrous Iron on Oxide Film Formation 
 
7.1 INTRODUCTION 
Predicting the influence of radiation on corrosion is complicated by the role that 
dissolved corrosion products and other water additives can have on the concentrations of 
the radiolytically produced redox active species that are present [1-3].  In the circulating 
coolant of a nuclear reactor the presence of soluble corrosion products (metal ions) is 
expected.  Thus, the net effect of radiation on steel corrosion, particularly, in the presence 
of dissolved transition metal ions is difficult to predict. 
As discussed in Chapter 5, aqueous solution conditions play an important role in the 
corrosion process.  The main objective of this study was to elucidate the impact that 
dissolved iron ions in solution have on the oxide growth and determine the type of oxide 
that is formed on carbon steel as a function of potential.  These studies were done at pH 8.4 
because the solubility of Fe
II 
species is sufficiently large that the effects of the presence of 
dissolved iron ions can clearly be observed.  This is also a pH range in which oxide 
formation on carbon steel has been studied extensively [4-13].  The effects of dissolved 
iron ions on the oxide growth and conversion were studied using a range of 
electrochemical techniques.  X-ray photoelectron spectroscopy (XPS) and scanning 
electron microscopy (SEM) analyses were also performed to determine the chemical 
compositions of the films formed at different potentials. 
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7.2       EXPERIMENTAL 
7.2.1    Solutions 
 All experiments were conducted at room temperature in pH 8.4 borate buffer 
solutions to which solutions containing Fe
2+
 were added.  The sodium borate solution was 
prepared using reagent grade Na2B4O7•10H2O (Caledon Laboratories Ltd.) and the boric 
acid solution was prepared using H3BO3 (Caledon Laboratories Ltd.).  Reagent grade 
FeSO4•7H2O (Caledon Laboratories Ltd.) was used to produce Fe
2+
 solutions with a 
concentration of 1×10
–4
 M FeSO4.  The water purified using a NANOpure Diamond UV 
ultra-pure water system (Barnstead International) with a resistivity of 18.2 M·cm. 
 
7.2.2 Procedure 
 Prior to each experiment the electrolyte solution was degassed by sparging with 
argon for at least 1 h.  During experiments, the solution was continuously purged with Ar to 
prevent air ingress.  Immediately prior to the start of all electrochemical experiments, the 
working electrode was cathodically cleaned at 1.1 VSCE for 5 min. 
 Three types of electrochemical experiments were performed: (1) CV, (2) 
potentiostatic polarization, and (3) EIS.  The CV was performed as a function of the 
number of scan cycles, the electrode rotation rate, and the upper-limit of the potential scan.  
For potentiostatic polarization experiments, which lasted typically 22 h, current 
measurements were made as a function of time at a single applied potential.  The current 
measurements were interrupted periodically to take electrochemical impedance spectra.  
After the potentiostatic measurements were complete, the carbon steel electrodes were 
further analysed by Raman spectroscopy, SEM, and XPS.     
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7.3       RESULTS AND DISCUSSION 
7.3.1    Cyclic Voltammetry  
The CVs of multiple scan cycles recorded on the carbon steel electrode in solutions 
initially free of Fe
2+
(aq) are compared with those obtained in solutions initially containing 
0.1 mM Fe
2+
(aq) in Figure 7.1.  The initial ferrous ion concentration, [Fe
2+
(aq)]0, is slightly 
below the solubility limit of ferrous iron (~ 0.25 mM) at the studied pH of 8.4 [1, 14, 15].  
The designation for the initial ferrous ion contribution is used because there will be some 
dissolution of ferrous ion from the steel during corrosion, particularly at high potentials, 
and the solution concentration will increase.  However, the volume of the electrolyte in the 
cell is large relative to the amount of Fe
2+
 that was released from the carbon steel during 
corrosion.  The other scan conditions were an electrode rotation rate of 200 rpm and 
potential scan rate of 5 mVs–1.  The CVs obtained in both solutions show two distinct 
potential regions of anodic current activity, region I (0.8 VSCE < E < 0.5 VSCE) where a 
distinct peak a1 appeared and region II (0.3 VSCE < E < 0.4 VSCE) where a broad, near 
potential independent, peak a2 appeared.  In order to differentiate from the anodic and 
cathodic peaks labelled at pH 10.6 in Chapter 3, lower case lettering is used for the 
assignment of peaks.    On the reverse scan, the current remained anodic until the potential 
reached a value below 0.3 VSCE.  A distinct cathodic peak c1 centred at 0.6 VSCE was 
observed only for tests in the Fe
2+
(aq) solutions.  The intensity of peak a1 increased with the 
number of scan cycles but the rate of increase progressively slowed with the number of 
cycles in both solutions.  On the other hand, peaks a2 and c1 did not show any dependence 
on scan cycles (Figure 7.1).   
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Figure 7.1: CVs recorded on carbon steel in pH 8.4 borate solutions with (a) no initial 
Fe
2+
(aq) or (b) 0.1 mM Fe
2+
(aq). The CV scan rate was 5 mVs
–1 and the electrode was rotated 
at 200 rpm. 
 
 
The CVs obtained as a function of upper scan limit in the Fe
2+
(aq) solutions (Figure 
7.2) show that the cathodic peak c1 corresponds to the anodic peak a2.  The effect of 
electrode rotation rate on the CVs of the first and fifth cycles in both solutions can be seen 
in Figure 7.3.  In the solution initially free of Fe
2+
(aq) (Figure 7.3a,b), the intensity of peak 
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a1 increased, and the peak maximum shifted to a more positive potential with an increase 
in rotation rate.  Changing the electrode rotation rate had a negligible effect on the 
intensities of peaks a2 and c1 in the solution initially free of Fe
2+
(aq).  In the solution 
containing 0.1 mM Fe
2+
(aq) (Figure 7.3c,d), the effect of electrode rotation on the intensity 
of peak a1 was diminished.  The dependence of the peak intensity of a1 on rotation rate was 
not linear, with the largest increase observed at 1000 rpm.  Alternatively, the intensities of 
peaks a2 and c1 increased with increasing rotation rate. 
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Figure 7.2: CVs recorded on carbon steel in pH 8.4 borate solutions containing 0.1 mM 
Fe
2+
(aq) with different sweep vertices of 0.4 VSCE, 0.2 VSCE, 0 VSCE, and –0.2 VSCE.  The CV 
scan rate was 5 mVs–1 and the electrode was rotated at 200 rpm. 
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Figure 7.3: The (a,c) first and (b,d) fifth cycles for CVs recorded on carbon steel in pH 8.4 
borate with (a,b) no initial Fe2+(aq)  or (c,d) 0.1 mM Fe
2+
(aq).  The CV scan rate was 5 mVs
–
1 and a range of electrode rotation rates were employed. 
 
 
To aid in the assignments of the peaks observed in the CVs, the thermodynamic 
equilibrium potentials for the reactions of iron and iron oxide redox pairs at pH 8.4 were 
calculated from the known Gibbs energies of reaction [16, 17].  The results are presented in 
Figure 7.4.  Oxide species beyond those thermodynamically predicted by the Pourbaix 
diagram are included in Figure 7.4 since competing reactions that involve species that are 
not thermodynamically stable at a given potential can be important in dictating the main 
anodic reaction.  For example, the FeOOH oxides are typically not the most 
thermodynamically stable oxides under certain conditions, but are often kinetically 
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favoured.  The CV results suggest that peak a1 involves an electrochemical oxidation of Fe 
in the metal substrate to Fe
II
.  This ion can either be incorporated in an oxide film or 
dissolve into the aqueous phase as Fe
2+
(aq).  In an oxide film Fe
II
 is available for further 
oxidation to less soluble mixed Fe
II/III 
oxides or Fe
III
 hydroxide/oxides (section 7.3.2.2.).  
For tests with a solution initially free of Fe
2+
(aq), an increase in rotation rate will speed 
diffusion of Fe
2+
(aq) from the metal oxide surface and enable an increase in the dissolution 
rate of Fe
2+
(aq), resulting in an increase in the anodic current.  However, when the 
concentration of Fe
2+
(aq) is close to its solubility limit, diffusion of ferrous ion from the 
surface into the aqueous phase will be suppressed.  The anodic oxidation of iron under this 
condition then mostly results in growth of an oxide film and not in metal dissolution.  This 
explains the lesser impact of changing the electrode rotation rate on the current density of 
peak a1 for tests in 0.1 mM Fe
2+
(aq), compared to that in the absence of Fe
2+
(aq).   
 
 
Figure 7.4: Calculated equilibrium potentials (vertical lines) for various iron redox 
reactions at pH 8.4 and 25°C. 
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Peak a2 is attributed to the anodic oxidation of Fe
2+
(aq) (in acid-base and phase 
equilibrium with Fe(OH)2) to -FeOOH and the corresponding cathodic peak c1 is 
attributed to the reduction of -FeOOH to Fe3O4.  At potentials higher than –0.58 VSCE (the 
equilibrium potential for the Fe(OH)2/-FeOOH redox reaction at pH 8.4, see Figure 7.4), 
Fe
2+
(aq) can diffuse to the carbon steel surface and further oxidize to form -FeOOH(s).  
Increasing the rotation rate promotes the diffusion of Fe
2+
(aq) from the bulk aqueous phase 
to the oxide/water interface.  The increase in peak c1 just reflects the increase in the amount 
of oxide formed. 
 
7.3.2 Potentiostatic Film Growth  
7.3.2.1 Experimental Results 
The effect of Fe
2+
(aq) on oxide formation on carbon steel was further studied under 
potentiostatic conditions.  Three different applied potentials, EApp, were studied: (1) 0.7 
VSCE, a potential in region I, (2) 0.5 VSCE, a potential between regions I and II, and (3) 
0.3 VSCE, a potential in region II.  In these experiments the desired potential was applied 
immediately after cathodic cleaning at 1.1 VSCE for 5 min and maintained for 22 h while 
continuously monitoring the current.  The data are presented in plots of log i vs log t in 
Figure 7.5.   
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Figure 7.5: Log current vs. log time for films grown at: (a) –0.7 VSCE, (b) –0.5 VSCE, and 
(c) 0.3 VSCE in pH 8.4 borate solutions with no initial Fe
2+
(aq) or 0.1 mM Fe
2+
(aq). 
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Electrochemical impedance spectra were also taken periodically during 
potentiostatic polarization experiments and the results are presented in both Bode and 
Nyquist plots in Figures 7.6 and 7.7.  The EIS plots labelled 1, 2 and 3 in Figure 7.6 are the 
spectra taken at 4, 8, and 14 h of the polarization at each potential, respectively.  The EIS 
did not show any further changes after 14 h.  Electric equivalent circuit model analyses 
were not performed since analysis suggested that the EIS data (in particular the data 
obtained at –0.5 VSCE and 0.3 VSCE) were not adequate for quantitative circuit model fitting.  
However, the relative changes in the EIS can provide some qualitative information.   
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Figure 7.6: Bode and Nyquist plots obtained from EIS analysis for films grown at various 
potentials in pH 8.4 borate solutions with no initial Fe2+(aq).  The labels 1, 2, 3 correspond to 
4, 8, and 14 h of immersion time respectively.  Arrows for the Nyquist plots and impedance 
modulus in the Bode plots show the progression with time. 
 
0 100 200 300 400
0
-100
-200
-300
-400
Z
"
 /
 
c
m
2
Z
'
 /  cm
2
 1
 2
 3
0 1 2 3 4
0
-1
-2
-3
-4
 1
 2
 3
Z
"
 /
 k

 c
m
2
Z
'
 / k cm
2
0 25 50 75 100
0
-25
-50
-75
-100
 1
 2
 3
Z
"
 /
 k

 c
m
2
Z
'
 / k cm
2
0 M Fe2+
–
0
.7
 V
S
C
E
–
0
.5
 V
S
C
E
0
.3
 V
S
C
E
-2 -1 0 1 2 3 4
2.00
2.25
2.50
2.75
3.00
0
-10
-20
-30
-40 Ph
a
s
e
 A
n
g
le
 / d
e
g
re
e
s
 1
 2
 3
lo
g
 (
Im
p
e
d
a
n
c
e
 M
o
d
u
lu
s
) 
/ 

c
m
2
log (Frequency) / Hz
 
-2 -1 0 1 2 3 4
2.0
2.5
3.0
3.5
4.0
0
-20
-40
-60
-80 Ph
a
s
e
 A
n
g
le
 / d
e
g
re
e
s
 1
 2
 3
lo
g
 (
Im
p
e
d
a
n
c
e
 M
o
d
u
lu
s
) 
/ 

c
m
2
log (Frequency) / Hz
 
-2 -1 0 1 2 3 4
1
2
3
4
5
6
0
-20
-40
-60
-80
 1
 2
 3
lo
g
 (
Im
p
e
d
a
n
c
e
 M
o
d
u
lu
s
) 
/ 

c
m
2
log (Frequency) / Hz
P
h
a
s
e
 A
n
g
le
 / d
e
g
re
e
s
 
212 
 
 
 
Figure 7.7: Bode and Nyquist plots obtained from EIS analysis for films grown at various 
potentials in pH 8.4 borate solutions with 0.1 mM Fe2+(aq).  The labels 1, 2, 3 correspond to 
4, 8, and 14 h of immersion time respectively.  Arrows for the Nyquist plots and impedance 
modulus in the Bode plots show the progression with time. 
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Figure 7.8: SEM micrographs of films grown for 22 h at various potentials in pH 8.4 
borate solutions with 0 or 0.1 mM Fe2+(aq). 
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oxides such as Fe(OH)2, Fe(OH)3, -FeOOH and -FeOOH were not taken but their 
Raman shifts have been reported [18, 19] (see Table 7.1). 
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Figure 7.9: Raman spectra of carbon steel films grown for 22 h at various potentials in pH 
8.4 borate solutions with (a) no initial Fe2+(aq) or (b) 0.1 mM Fe
2+
(aq).  These spectra are 
compared to the spectra of reference iron-oxide minerals at 25°C, (c).  All spectra are 
shifted in magnitude to prevent overlap. 
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Table 7.1: Raman peaks (in wavenumbers) for iron oxides and hydroxides not studied as 
standards 
Iron oxide/hydroxide Peaks (cm
–1
) 
Fe(OH)2 460, 550, 692 
Fe(OH)3 395, 696, 1335 
-FeOOH 314, 380, 549, 722 
-FeOOH 297, 392, 666 
Bold indicates the strongest peaks in species spectrum 
 
The high resolution spectra of the XPS Fe-2p and O-1s bands were deconvoluted 
using reference XPS spectra of standard iron oxide and hydroxide samples to obtain 
information on the composition of oxidation states.  The reference spectra for iron oxide 
and hydroxide contain multiple peaks.  A representative high resolution spectrum over the 
Fe-2p band region and its deconvolution into chemical components (Fe, FeO/Fe(OH)2, 
Fe3O4 and -FeOOH) is shown in Figure 7.10.  A similar deconvolution was employed in 
Chapter 4 and a detailed description of the total method used for the XPS analyses can be 
found in references [14, 20].   
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Figure 7.10: High-resolution XPS spectra of Fe-2p containing experimental data, 
composite of Fe0, FeII/III, and FeIII fits, and weighted composite of all fitted peaks.  Inset is 
the deconvoluted XPS spectra with fitting for individual iron oxides and hydroxides used 
to obtain the composition of oxidation states. 
 
 
The analysis results from XPS are shown in Figure 7.11, where the chemical 
components, Fe, FeO/Fe(OH)2, Fe3O4 and -FeOOH are represented as Fe
0, FeII, FeII/III and 
FeIII, respectively.     
 
 
700 705 710 715 720 725
700 705 710 715 720 725
In
te
n
s
it
y
 /
 C
o
u
n
ts
Binding Energy / eV
In
te
n
s
it
y
 /
 C
o
u
n
ts
Binding Energy / EV
 Experimental
 Fe
0
 Fe
III
 Fe
II/III
 Background
 Total Fit
217 
 
 
Figure 7.11: XPS analysis results: (a,b) Fe0, FeII/III, and FeIII components of the Fe 2p band, 
(c) Fe0/Fe ratio in the Fe 2p band, and (d) area ratio of OH
–/(OH–+O2–) in the O 1s band. 
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spectrum of the surface oxidized in the Fe
2+
(aq) solution also showed well-defined peaks at 
approximately 260 cm
–1
 and 380 cm
–1
 that closely match those of γ-FeOOH.  The 
oxidation of Fe(OH)2 to γ-FeOOH is not thermodynamically favoured at this potential 
(Figure 7.4).  Thus, the formation of γ-FeOOH is attributed to the dehydration of FeIII 
oxides/hydroxides.  
 The Raman spectrum also contains a broad background band in the range from 250 
to 1200 cm
1
 (Figure 7.9).  These features can be attributed to the formation of hydrated 
ferrous and ferric species.   
The XPS results for the tests at 0.7 VSCE in the solution initially free of Fe
2+
(aq) 
(Figure 7.11) show that Fe
0
 contributes approximately 10 atomic % to the Fe-2p band.  On 
the other hand, the Fe-2p band of a film grown in 0.1 mM Fe
2+
(aq) shows no metallic (Fe
0
) 
content, despite the surface underneath the platelet shaped deposits still showing in the 
SEM images (Figure 7.8).  The combined SEM, Raman and XPS analyses suggest that a 
uniform inner layer of Fe3O4 with mixed ferrous and ferric hydroxide deposits on top has 
been formed.  The EIS analysis of this film also shows two RC components, consistent 
with the presence of two distinct oxide layers (Figure 7.6).  The absence of the Fe
0
 
component in the XPS Fe-2p band for a film grown in 0.1 mM Fe
2+
(aq) (Figure 7.11b) 
indicates that the underlying Fe3O4 layer is thicker (> 15 nm) on the surface oxidized in the 
presence of Fe
2+
(aq) than in its absence (15 nm is the analysis depth of the XPS instrument).   
The ratio of Fe
II/III
 (i.e., magnetite) to Fe
III
 of the XPS Fe-2p band is significantly 
lower in the film grown in the Fe
2+
(aq) solution compared to that grown in the initially 
Fe
2+
(aq) free solution (Figure 7.11).  The SEM images show more extensive coverage of the 
hydroxide deposits for the surface oxidized in the Fe
2+
(aq) solution.  Thus, the lower ratio of 
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Fe
II/III
 to Fe
III
 in the XPS Fe-2p band observed in the presence of Fe
2+
(aq) is attributed to the 
thicker and more extensive hydroxide deposits in the outer layer and not to the absence of 
the underlying Fe3O4 layer.  Analysis of OH
–
 and O
2–
 content in the oxide lattice (from the 
high resolution XPS O-1s spectra (Figure 7.11d)) further suggests that the Fe
III 
species in 
the film is mainly in an hydroxide form. 
The surface analyses presented above provide the chemical and phase compositions 
of the surface layers formed after 22 h of potentiostatic polarization, but do not provide 
kinetic information.  To obtain this, current and EIS measurements were performed as a 
function of time.  At 0.7 VSCE the current in solutions with and without initial Fe
2+
(aq) 
initially decreased at a rate slower than linear (Figure 7.5).  After ~ 10
3
 s (20 min) the 
current started to increase with time and then either stabilized or started to decrease again.  
The current was lower in the tests with 0.1 mM Fe
2+
(aq) in solution over the majority of 
polarization.   
The decrease in current at t ~ 10
3
 s is attributed to the growth of a layer of 
Fe3O4-like oxide (Fe3O4 or a graded structure of FeO to Fe3O4).  The slower than linear 
decrease in the current suggests that the oxidation rate is also partially controlled by a 
dissolution process.  This is consistent with the CV results that indicate that the anodic 
processes at this potential involve soluble Fe
II
 species.  In the presence of an oxide layer, 
the electrochemical corrosion involves: (1) charge transfer reactions (metal oxidation 
coupled with reduction of aqueous species at the metal/oxide and oxide/water interfaces), 
(2) the net migration of metal cations from the metal/oxide interface to the oxide/water 
interface coupled with migration of oxygen anions in the opposite direction (growing the 
metal oxide layer), and (3) the hydration oxides at the oxide/water interface followed by 
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diffusion of oxyhydroxide species into the aqueous phase.  These steps are schematically 
presented in Figure 7.12.  Oxide growth involved the net migration of Fe
II
 from the 
metal/oxide to the oxide/water interface [21-24].   If the metal oxidation primarily grows 
the oxide layer and little dissolution occurs, the current will decrease with an increase in 
the oxide thickness and the rate will decrease linearly due to a linear increase in the 
potential drop across the thickening oxide layer.  The slower than linear decrease in current 
thus suggests that the oxide is affected by the dissolution of Fe
II
 species. 
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Figure 7.12: Schematic of proposed oxidation mechanism at (a) –0.7 VSCE, (b) –0.5 VSCE, 
and (c) 0.3 VSCE and solutions (i) with pre dissolved Fe
2+
(aq) and (ii) without pre dissolved 
Fe
2+
(aq).  Oxidation and reduction processes are labelled as solid red arrows and transport 
processes are labelled as dashed black arrows.  For figures (b) and (c), some transport 
processes have been removed for figure clarity. 
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hence, will lower the gradient of Fe
II
 in the oxide and lower the transport rate of Fe
II
 ion 
through solid oxide/hydroxide phases.  Consequently, a smaller anodic current is observed 
during polarization in the solution containing 0.1 mM Fe
2+
(aq) than in the solution initially 
free of Fe
2+
(aq) (Figure 7.5a).  On the other hand, at 200 rpm (Figure 7.1), the current in this 
potential region during the CV (peak a1) was higher in the presence of 0.1 mM Fe2+(aq) 
while at rotation rates  1000 rpm, there was a higher current in the absence of dissolved 
Fe
2+
(aq) (Figure 7.3).  This is attributed to two opposing effects of the suppression of Fe
II 
diffusion from the metal/oxide interfacial region to the aqueous phase on the net 
electrochemical activity.  The suppression of FeII diffusion initially promotes the 
conversion of FeII hydroxide to a more conducting Fe3O4 layer and, hence, increases 
electrochemical activity.  This increases the current associated with peak a1.  The opposite 
effect would be seen if the surface remained the same since the suppression of FeII 
diffusion decreases the dissolution current.  The CVs shown in Figure 7.1 were obtained 
with a rotating electrode at 200 rpm.  When the rotation rate was low (< 200 rpm), the 
effect of rotation on Fe3O4 formation is greater than its effect on Fe
II dissolution, and the 
net effect is to increase the current.  When the rotation rate was high (> 500 rpm), the effect 
of rotation on current arises primarily via FeII dissolution.  This is consistent with a process 
that is controlled by diffusion of the oxidized metal ion from the electrode surface to the 
solution phase. 
In both solutions, the current started to increase at about 10
3
 s.  An increase in 
current with a fixed applied potential is often interpreted as the formation of a 
progressively more defective or porous film.  This can result in an increase in local acidity 
and hence, an increase in oxidative dissolution.  However, the increase in local acidity will 
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increase the rate of dissolution of Fe
II
 and also Fe
III
 species, and consequently less oxide/ 
hydroxide will precipitate.  Although the SEM images of the film grown for 22 h at –0.7 
VSCE in both solutions show highly porous corrosion product deposits (Figure 7.8), these 
deposits are more extensive in the presence of Fe
2+
(aq) (despite the lower total anodic 
charge passed in these tests).  These observations are opposite to those expected from an 
increase in local acidity.  However, these results are consistent with the dehydration of Fe
III
 
oxides/hydroxides to FeOOH.   
Based on these observations the electrochemical oxidation mechanism under 
potentiostatic polarization at –0.7 VSCE is proposed as follows, see Figure 7.12a.  At early 
times the electrochemical oxidation of Fe to Fe
II
 at the metal/oxide interface (step 1a in 
Figure 7.12a), followed by transport of Fe
II
 through the oxide layer (step 2) and oxidation 
of Fe
II
 to Fe
III
 at the oxide/water interface (step 1b), results in growing the Fe3O4 layer.  At 
the Fe3O4/water interface, the ferrous and ferric species will be hydrated: 
Fe
II
(ad-H2O) = [Fe
2+
 + Fe(OH)
+
 + Fe(OH)2 + Fe(OH)3
–
]                                            (7.1) 
Fe
III
(ad-H2O) = [Fe
3+
 + Fe(OH)
2+
 + Fe(OH)2
–
 + Fe(OH)3 + Fe(OH)4
–
]                  (7.2) 
where the hydrated species are in acid base equilibrium: 
Fe
II
(OH)n
2-n
  +  H
+
    FeII(OH)n-1
3-n
  +  H2O n = 1,2, or 3                   (7.3) 
Fe
III
(OH)n
3-n
  +  H
+
    FeIII(OH)n-1
4-n
  +  H2O n = 1,2,3, or 4               (7.4) 
(Note that any water molecules that are coordinated to the metal cations are not included in 
the chemical structures.)  The charged species will quickly dissolve into the aqueous phase.  
However, the neutral species, Fe(OH)2 and Fe(OH)3, are in dissolved and solid phase 
equilibrium, with their pKa values determining the solubility of the ferric and ferrous irons.  
At pH 8.4, the solubility of Fe
II
 is relatively high while that of Fe
III
 is at its minimum.  Thus, 
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Fe(OH)3 will condense, dehydrate and deposit as -FeOOH.   
The solvated-to-solid phase transformation may be a slow process and hence, there 
is an incubation period of about 10
3
 s observed before the growth of a more porous oxide 
can support an increase in current.  As the conversion to -FeOOH removes the 
Fe
III
(ad-H2O) from the Fe3O4 surface, it will also oxidize Fe
II
(ad-H2O) at the water/oxide 
interface.  The rate of anodic oxidation is then determined by the rate of this transformation 
of the ferric species.  The rate of the transformation increases with increasing surface area 
of -FeOOH.  This increase in surface area can explain the continuous increase in current.       
At 0.7 VSCE (Figures 7.6 and 7.7) the EIS plots show two RC loops indicating the 
presence of a two-layered film.  This is consistent with the proposed mechanism.  The first 
EIS spectrum of a film grown in a 0.1 mM Fe
2+
(aq) solution was taken at a time (4 h) when 
the current is still increasing with time.  The Nyquist plot taken at this time is asymmetric 
and this is attributed to the overlap of two RC components.  After 4 h, the overall 
impedance reaches a near steady-state value.  This steady-state value is similar to that 
observed for a film grown in the absence of Fe
2+
(aq), on the order of a few hundred ohms.  In 
the solution initially free of Fe
2+
(aq) the current reached a near steady-state value by the time 
the first EIS spectrum was taken.  The EIS spectra taken at longer times (8 h and 14 h) are 
very similar for systems with and without initial Fe
2+
(aq) and clearly show two RC circuit 
components.  The resistances of the two circuit components are very low, ~ 150  cm2 and 
~ 50  cm2; values that are on the order of the electrolyte resistance.  The reasons for these 
low resistances are not clear.  It is speculated that they are a combination of the Fe3O4 film 
resistance and the interfacial charge transfer resistance for oxidation of Fe
II
(ad-H2O) to 
Fe
III
(ad-H2O) at the oxide/water interface. 
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7.3.2.3 Oxide Formation at 0.5 VSCE 
SEM images of the surfaces held at 0.5 VSCE in solutions with and without initially 
added Fe
2+
(aq) show that they remained shiny after 22 h at this potential (Figure 7.8) and 
there is no evidence of particulates.  The film grown in the solution initially free of Fe
2+
(aq) 
shows patches of pearlite structure indicating that dissolution of some iron species has 
occurred.  The remaining surface was covered by an even, compact layer.  The surface 
corroded in the 0.1 mM Fe
2+
(aq) solution does not show a pearlite structure.  The original 
abrasion marks are clearly visible indicating that there was less metal dissolution and the 
oxide layer is thinner that in the Fe
2+
(aq) free case.   
Analyses of the high resolution XPS spectra give similar Fe and O compositions in 
the surface films formed in both solutions (Figure 7.11).  The fractions of the metallic Fe
0
 
component of the Fe-2p band were larger for the films grown at 0.5 VSCE compared to 
those grown at 0.7 VSCE (Figure 7.11c).  The XPS results are consistent with the thin films 
seen in the SEM images.  The fraction of oxygen as OH
–
 (compare to that as O
2–
) in the 
oxide lattice was lower at this potential than at any of the other potentials studied (Figure 
7.11d).  This indicates the presence of limited hydroxide formation in the oxide layer at this 
potential.   
The Raman spectrum of the film grown at 0.5 VSCE in the solution initially free of 
Fe
2+
(aq) shows that the surface oxide is composed mainly of Fe3O4, Figure 7.9a.  The 
Raman spectrum of a film grown in the solution initially containing 0.1 mM Fe
2+
(aq) did not 
reveal well-defined peaks and only contained a broad band spanning the range from 250 to 
1200 cm
1
.  The source of this could not be identified, but it is suspect that it is due to 
hydrated oxides on the outer oxide surface.  The oxide layer is apparently too thin to 
226 
 
provide any other characteristic Raman peaks at levels above background noise.   
At 0.5 VSCE the slopes of log i vs. log t are close to 1, with the slope observed for 
the tests with 0.1 mM Fe
2+
(aq) being slightly steeper for the first 10
3
 s (Figure 7.5b).  This 
near linear decrease in current with time indicates that a stable oxide film is growing and 
that the competing rates of Fe
II
/Fe
III
 dissolution are relatively slow.  This behaviour can be 
attributed to the growth of a nearly insoluble Fe3O4 and perhaps -Fe2O3 film [3].  At this 
potential, the rate of electrochemical oxidation of Fe to Fe
II
 and then to Fe3O4 is very fast.  
The electrochemical conversion between Fe3O4 and -Fe2O3 is also known to occur very 
easily since they share the same spinel structure [20].  The applied potential of 0.5 VSCE is 
near, but below the calculated equilibrium potential of Fe3O4/-Fe2O3, and therefore 
oxidation to a single phase -Fe2O3 may not occur.  Rather the surface oxide could be 
described as a FeII depleted, or FeIII enriched magnetite structure (FeII1Fe
III
2+xO4+3x/2).  
Early formation of an insoluble Fe3O4/ Fe
II
1Fe
III
2+xO4+3x/2 layer (step 5 in Figure 7.12b) 
reduces the concentration of hydrated Fe
II
 species at or near the oxide/water interface and 
thereby suppresses metal dissolution (step 4 in Figure 7.12b).  The formation of a 
FeII1Fe
III
2+xO4+3x/2 oxide will passivate the surface, compared to Fe3O4, and suppress 
further growth of an inner Fe3O4-like layer, thus explaining why the oxide layer is very thin.  
Surface hydration energy should be higher on a FeII depleted oxide than on Fe3O4 and this 
will suppress the formation of -FeOOH by the precipitation of FeIII species on the outer 
oxide surface.   
The presence of 0.1 mM Fe
2+
(aq) in the solution will suppress the oxidative 
dissolution, as described above (step 4 in Figure 7.12b) and, hence, accelerate the 
formation of Fe3O4 and its oxidative conversion to Fe
II
1Fe
III
2+xO4+3x/2 (step 5 in Figure 
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7.12b).  Faster conversion passivates the surface sooner, resulting in the production of a 
thin inner Fe3O4 layer.  This behaviour explains the absence of the Fe3O4 peak in the 
Raman spectrum for this case.         
In the 0.1 mM Fe
2+
(aq) solution, after 10
3
 s, the anodic current increased and then 
decreased again (Figure 7.5b).  The reason for this behaviour is not clear.  The SEM images 
show signs of microfractures and some metal oxide crystals on the edges of these fractures.  
It is speculated that the fast growth of the Fe3O4 and Fe
II
1Fe
III
2+xO4+3x/2 layers in the initial 
presence of Fe
2+
(aq) may induce stresses at the metal/oxide interface and cause the fractures 
to occur.  There is also the possibility that dehydration of the outer layer during sample 
drying may have induced stress and fractured the oxide film.          
At 0.5 VSCE, the EIS spectra (see Figures 7.6 and 7.7) indicate that the surfaces 
may be modelled using more than one RC component, with one RC component being 
orders of magnitude larger than the other.  Extrapolation at low frequency prevents the 
determination of relative components; however, again, the initial presence of Fe
2+
(aq) in 
solution has only a small influence on the EIS behaviour at this potential suggesting that 
Fe
2+
(aq) diffusion in the oxide or iron dissolution does not play as a significant direct role in 
the electrochemical process. 
 
7.3.2.4 Oxide Formation at 0.3 VSCE 
SEM images of the electrode surfaces held at 0.3 VSCE are shown in Figure 7.8.  In 
the solution initially free of Fe
2+
(aq) a compact and smooth film was formed.  However, the 
surface corroded in the 0.1 mM Fe
2+
(aq) solution shows extensive formation of uniformly 
distributed, filiform crystallites that are characteristic of -FeOOH [25, 26].  The Raman 
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spectrum of the surface grown in the 0.1 mM Fe
2+
(aq) solution also contains the 
characteristic peaks of γ-FeOOH and Fe3O4 (Figure 7.9b).  No distinct Raman peaks were 
observed for the surface corroded at 0.3 VSCE in the solution initially free of Fe
2+
(aq).  
Despite the different surface morphologies, the XPS analyses reveal significant 
contributions of Fe
III
 to the Fe-2p band and of OH
–
 to the O-1s band in the oxides grown in 
both solutions (Figure 7.11a and 7.11b).  
At 0.3 VSCE, the currents have a two stage time-dependent behaviour (Figure 7.5c).  
In the first stage (occurring at t < 10 s) the currents both with and without initial Fe
2+
(aq) had 
the same time-dependent behaviour.  However, at longer times the current observed for the 
solution initially free of Fe
2+
(aq) continued to decrease, albeit at a slightly lower rate than in 
the first 10 s, while the current in the solution initially containing 0.1 mM Fe
2+
(aq) became 
nearly constant with time and remained so until 10
4
 s when it suddenly dropped at  
near-linear rate.  The plateau period of near constant current is attributed to the anodic 
oxidation of aqueous Fe
2+
(aq) species to -FeOOH (step 6 in Figure 7.12c).  The sudden 
decrease in current at about 10
4
 s can then be attributed to the completion of the formation 
of a protective layer of -FeOOH.  Once a coherent -FeOOH layer is formed, the current 
decreases linearly with time as this layer continues to grow.  
The EIS spectrum of the film grown at 0.3 VSCE in the absence of initial Fe
2+
(aq) 
(Figure 7.6) has more than one RC component, similar to that observed for the films grown 
at –0.5 VSCE.  However, the impedance spectra of the films grown at 0.3 VSCE are an order 
of magnitude higher than those for the films grown at –0.5 VSCE.  This is consistent with the 
early formation of a mainly Fe3O4 and more -Fe2O3-like film compared to –0.5 VSCE, 
Figure 11.  The EIS spectra of the films grown in the presence of 0.1 mM Fe2+(aq) (Figure 
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7.7) are very noisy.  This is indicative of a bulk solution diffusion-limited process in the 
electrolyte where the Ar-purging introduces noise.  Despite the noise, it can be seen that the 
initial presence of Fe2+(aq) in solution has the most influence on the EIS behaviour at this 
potential than that at the lower potentials. These observations are consistent with the 
oxidation of Fe2+(aq) to form an extensive layer of -FeOOH which grows in filiform 
shapes.  Since capacitance will increase with increasing surface area, the extensive 
formation of -FeOOH can explain the near pure capacitance behaviour in the EIS spectra.      
The corrosion mechanism at 0.3 VSCE can be summarized as follows.  
Electrochemical oxidation of Fe
0
 to Fe
II
 and Fe
II/III
 (magnetite) oxides occurs very fast at 
first.  This is accompanied by fast conversion of the Fe3O4 to both -Fe2O3 and -FeOOH.  
If Fe
2+
(aq) is present in solution, it will also oxidize to form -FeOOH that condenses on the 
electrode surface (step 6 in Figure 7.12c).  The potential is sufficiently high that even the 
formation of -Fe2O3 cannot completely suppress current flow and an inner Fe3O4 oxide 
layer can grow at a reasonable rate.  In the absence of initial Fe
2+
(aq) in the solution, the 
formation of Fe
III
 oxide and oxyhydroxide on the outer oxide surface will occur due to the 
oxidation of Fe3O4.  This process requires metal ion transport through the solid oxide phase 
and results in the formation of a uniform oxide layer (step 7 in Figure 7.12c). 
 
7.4 CONCLUSIONS 
The effect of dissolved ferrous iron (Fe
2+
(aq)) on surface oxide film growth and 
conversion on carbon steel in pH 8.4 borate solutions was studied as a function of potential.  
At potentials < 0.4 VSCE, Fe
0
 in the metal substrate can oxidize to Fe
II
 and then be further 
oxidized at the oxide/water interface to form a Fe
II/III
 (magnetite) oxide layer.  At the 
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Fe3O4/water interface, hydrated ferrous hydroxide can be oxidized to ferric hydroxide 
which is then slowly transformed to -FeOOH.  The presence of Fe2+(aq) in solution 
somewhat suppresses the rate of dissolution of Fe
II
 from the metal oxide and thus reduces 
the net rate of anodic oxidation.  At potentials > 0.4 VSCE, Fe3O4 can further oxidize to 
form -Fe2O3 and -FeOOH, while Fe
2+
(aq) continues to form γ-FeOOH.  The presence of 
Fe
2+
(aq) in the aqueous phase at a concentration of 0.1 mM substantially increases the rate of 
formation of needle-like γ-FeOOH crystals on the oxide surface and this material 
constitutes most of the oxide  that forms.  
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Chapter 8 
 
 
Oxide Growth and Conversion on Carbon Steel as a Function of Temperature 
Between 100 °C and 280 °C 
 
 
8.1 INTRODUCTION 
This study examined the effect of temperature in a range between 100 °C and 
280 °C on oxide film growth and conversion on carbon steel as a function of potential at 
pH25C = 10.6 using primarily electrochemical techniques.  High pressure vessels were 
used for all experimentation.  The combined understanding of the data presented in this 
chapter and in Chapter 3 provides an electrochemical basis of the corrosion process, upon 
which, ex-situ surface analyses presented in Chapters 5 and 6 allow for the development 
of a more complete interpretation of the oxidation mechanism. 
 
8.2 EXPERIMENTAL 
8.2.1 Pressure Vessel (Static Cell) 
 A 1000 mL alloy C-276 pressure vessel (Parr Instrument Company) was used for 
all experiments.  The pressure vessel contained a gauge block assembly system with a 0 
to 2000 psi gauge, a gas hose assembly allowing for argon purging prior to an 
experiment, and NPT-type inlets for the fastening of various electrodes of interest.  The 
vessel contained a removable 1000 mL plytetrafluoroethylene (PTFE) polymer liner 
creating an inert electrochemical cell environment free of solution contact with the 
pressure vessel wall.  The three-electrode system added to the pressure vessel consisted 
of a reference electrode, a Pt mesh counter electrode and a carbon steel working 
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electrode.  The reference electrode was a standard external pressure balanced Ag/AgCl 
reference probe (Corrinstruments) which can function in a temperature range of room 
temperature to 300 °C.  The reference electrode system consists of the reference system 
of saturated Ag/AgCl being external to the pressure vessel and maintained at room 
temperature.  The reference system is electrochemically connected to the system via an 
external probe 50 cm in length outside of the vessel and 12 cm in length internal to the 
vessel.  The entire probe, 62 cm in length, contained saturated KCl, which is connected to 
a saturated KCl liquid junction exposed to solution.  To ensure stability of the external 
saturated Ag/AgCl reference electrode and the accuracy of measurements, the reference 
electrode was measured against a master saturated calomel electrode (SCE) before and 
after all experiments.  For the results presented, all potentials are reported as the 
measured potential against the external electrode, converted to the SCE scale.  The 
combined effects of a thermal potential difference and changing solution pH on the 
measured oxidation reactions were not taken into account for potential conversion, which 
can be seen in the CV results to present a net minimal change in the potential window 
studied.  The current study aims to present a generalized picture of the oxidation over a 
wide temperature range.  Comparison to possible future ECORR measurements or in-situ 
high temperature electrochemical studies will require further correction. 
The carbon steel was machined into a cylindrical rod with a diameter of 10 mm 
and a surface of known area was exposed to solution.  Prior to each experiment, the 
working electrode was abraded manually with 400 and 600 grit silicon carbide papers, 
and lastly sonication in an acetone/methanol mixture for 5 min to remove polishing 
residues. 
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8.2.2 Solutions 
All experiments were conducted in 0.01 M sodium borate solutions.  The 
solutions were prepared using reagent grade Na2B4O7•10H2O (Caledon Laboratories 
Ltd.) and water purified using a NANOpure Diamond UV ultra-pure water system 
(Barnstead International) with a resistivity of 18.2 M·cm.  Reagent grade NaOH 
(Caledon Laboratories Ltd.) was added drop-wise to the solutions to adjust the pH.  All 
experiments were conducted at a pH25°C of 10.6. 
 
8.2.3 Procedure 
 During the electrode polishing procedure argon was bubbled through the borate 
solution in the PTFE liner for 1 h.  After polishing and sonication, the working electrodes 
were rinsed with deionized water, connected to the working electrode lead in the pressure 
vessel head, and the working electrode connection was tightly insulated with PTFE tape.  
The pressure vessel head was then sealed to the main body of the vessel, followed by 
argon purging for 1.5 h.  After purging the pressure vessel was placed inside a 115 V 
heater assembly with one heater probe at the side wall on the vessel and a second at the 
bottom of the vessel (Parr Instrument Company).  The entire system was insulated to 
minimize heat loss.  Heating to the desired temperature (100 °C, 150 °C, 200 °C, or 220 
°C) with the use of a programmable temperature control (Parr Instrument Company) 
began immediately when the pressure vessel was placed in the heater assembly.  
Electrochemical experiments then began with cathodic cleaning at -1.1 VSCE for 5 min.  
Following cathodic cleaning, two types of experiments were performed, CV and 7 d 
potentiostatic film growth.  For the potentiostatic experiments, immediately following 
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cathodic cleaning, the electrode was anodized at an EAPP of –0.7 VSCE, –0.2 VSCE, or 0.2 
VSCE with the intention of generating oxide films with different compositions and 
properties.  Therefore, polarization of the working electrode began during the heating 
process, which took roughly 30 min, 90 min, or 120 min for 100 °C, 150 °C, and 200 °C 
respectively.  EIS was recorded at periodic intervals during the 7 d potentiostatic 
experiments.  For all CVs the system was heated to the desired temperature (150 °C or 
220 °C) before the CV was performed.  Therefore, the system remained under open 
circuit potential conditions, resulting in an initial oxide (most likely Fe3O4) to form 
before the CV was performed.  Once at the desired temperature the CV was cycled 
between potential limits of –1.1 VSCE and +0.4 VSCE at a scan rate of 5 mV·s
–1
.  
Additional CVs were recorded following the 7 d potentiostatic polarization at EAPP of      
–0.2 VSCE.  The dependence of cyclic voltammograms on temperature was investigated to 
compare to results in Chapter 3. 
 
8.2.4 Korean Atomic Energy Research Institute (KAERI) Flow Cell 
The system consisted of a carbon steel working electrode, platinum counter 
electrode, and Ag/AgCl external reference electrode.  The electrochemical cell body 
containing the three electrodes was approximately 10 mL in size.  The steel was 
processed into a cylindrical rod with a diameter of 1.5 mm, insulated with shrink tube, 
and a surface of known area was exposed to solution.  Prior to each experiment, the 
working electrode was abraded manually with 400 and 600 grit silicon carbide papers, 
and lastly sonication in an acetone/methanol mixture for 5 min to remove polishing 
residues.  The platinum counter electrode was a platinum coil for maximum surface area.  
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The Ag/AgCl reference electrode was maintained at a distance and angle to ensure it 
remained at room temperature, and the electrode was checked regularly between 
experiments against a master SCE reference electrode.  All experiments were conducted 
in Ar-sparged 0.001 M lithium borate (Sigma-Aldrich) solutions, adjusted to pH25°C 10.6 
with lithium hydroxide (Sigma-Aldrich).  The Ar (Daesung Industrial Gases Co. LTD) 
was 99.999% purity. 
To date, completed details of the experimental setup have not been published by 
the research group of Dr. Yeon at KAERI.  Figure 8.1 is a photograph that labels some of 
the key features of the flow cell and provides scale of the entire system. 
 
 
Figure 8.1: Photograph labeling some key components of the high-temperature flow cell 
developed at KAERI. 
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A Bio-Logic potentiostat/galvanostat/FRA, model SP-300 was used for all 
electrochemical studies.  EC-Lab V10.1 was used for data analysis.  The procedure began 
with purging the solution with Ar and saturating the entire system with the borate 
solution.  The working electrode was abraded to 600 grit silicon carbide paper and rinsed 
with acetone followed by rinsing with water and drying.  The working electrode was then 
inserted into the flow cell, and further saturation of the system continued for 1 h, while 
the pressure was raised and maintained at 110 bar for the remainder of the experiment.  
After 1 h, electrochemical experiments began with cathodic cleaning at –1.1 VSCE for 
5 min.  After cathodic polarization, the electrode was anodized at an EAPP of –0.7 VSCE,   
–0.2 VSCE, or 0.2 VSCE with the intention of generating oxide films with different 
compositions and properties.   Upon the initiation of polarization, the system was heated 
to the desired temperature, of either 200 °C or 280 °C.  Heating to the desired 
temperature took approximately 25 min.  Upon completion of the experiment, 
polarization was stopped and the system was cooled to room temperature and pressure 
was lowered.  After some polarization experiments, the temperature was not cooled and 
CVs were recorded between potential limits of –1.0 VSCE and +0.5 VSCE at a scan rate of 
5 mV·s
–1
.  For all experiments the flow rate was 15 mL·min
–1
. 
 
8.3 RESULTS AND DISCUSSION 
8.3.1 Cyclic Voltammetry 
 Cyclic voltammetry was performed at various temperatures to determine possible 
surface redox activity on carbon steel as a function of potential.  The first and third cycle 
of CVs recorded at various temperatures in the static cell are presented in Figure 8.2.  The 
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first cycle of the CV at room temperature shows different behaviour than the subsequent 
cycles which we attributed to time required for surface modification arising from the air-
formed oxide that is present on a freshly prepared carbon steel electrode [1].  This 
difference decreases with an increase in temperature, except for the increase in current 
density of peak A1 and its accompanying cathodic peaks upon cycling. 
 
 
Figure 8.2: First (gray line) and third (black line) cycles of CVs at (a) 25 °C, (b) 80 °C, 
(c) 150 °C, and (d) 220 °C.  All CVs were performed immediately after the system 
reached the desired temperature and were performed at a scan rate of 5 mVs–1. 
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The CVs show that the three characteristic potential ranges assigned for the 
behaviour of anodic current at temperatures  80 °C are still maintained at higher 
temperatures.  That is, the anodic current peak A3 starts at approximately 0.5 VSCE and 
the broad peak A4 starts at approximately 0.1 VSCE at all temperatures.  These oxidation 
potential regions are indicated on the top of the CVs using bars labeled with Ox I, Ox II 
and Ox III.  However, the current density and the potential dependence within each 
region vary with temperature. 
In the previous studies at lower temperatures (Chapter 3), it was established that 
the three characteristic potential regions observed in CVs can be correlated to the 
thermodynamic stability regions of different oxides as shown in Figure 8.3.  The 
equilibrium potentials of various iron redox pairs are shown and the oxidative conversion 
from one oxide to another as potential increases is shown by arrows.  The potential scale 
shown in Figure 8.3 is for pH 10.6 and at room temperature.  The oxidative conversions 
shown with dotted lines are thermodynamically possible but kinetically not favoured at 
least at low temperatures.  The three potential regions shown on the top of the CVs are 
also indicated in this figure. 
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Figure 8.3: Calculated equilibrium potentials for various iron redox reactions on the 
electrochemical potential scale; where the equilibrium potentials are indicated by vertical 
lines and the potential values are those at pH 10.6 and 25 ºC.  The three oxidation 
potential regions are also indicated. 
 
 
 
Temperature affects the electrochemical potentials of the solid metal and metal 
oxides similarly.  Since it is the difference in the electrochemical potentials of the 
reacting phases that drives the electrochemical reaction, temperature would not 
significantly influence the equilibrium potentials of the iron redox pairs [2, 3].  This is 
further confirmed in this study by the observation that the three characteristic potential 
regions are maintained.  The observation suggests that the metal oxidation 
(electrochemical) reactions that can happen in each potential region are the same, 
independent of temperature over the studied range (up to 280
o
C).   
Temperature can, however, affect the rates of thermal processes such as diffusion, 
phase transformation and surface hydration.  For this study the two processes largely 
effected by temperature are the Schikorr reaction (Fe(OH)2 to Fe3O4 oxidation) and iron 
Ox III
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dissolution.  This results in a balance between the Schikorr reaction increasing oxide 
growth rate and thickening and dissolution limiting the growth and thickening of the 
oxide.  The observed temperature-dependence of the current density and its potential 
dependence within each potential region can then be explained by examining how these 
thermal processes influence the rates of the electrochemical reactions responsible for the 
current peaks.  
Additionally to the CVs presented in Figure 8.2, some CVs were performed after 
a period of prolonged potentiostatic film growth.  Figure 8.4 compares CVs performed 
either immediately after reaching the desired temperature, or after the 7 d potentiostatic 
film growth of EAPP = –0.2 VSCE in the static cell.  A reducing potential of –1.1 VSCE was 
applied for 5 min prior to both CVs.  While applying –1.1 VSCE can reduced a significant 
amount of the oxide formed on the surface, it has been shown that Fe3O4 is not fully 
reducible [1].  Therefore, a certain amount of Fe3O4 would be expected to remain on the 
electrode surface after cathodic cleaning for all CVs, with more Fe3O4 present on the CVs 
recorded after periods of polarization at –0.2 VSCE. 
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Figure 8.4: (a) First and (b) third cycles of CVs recorded at 220 °C at a scan rate of 
5 mVs–1.  Compared are CVs recorded immediately after the system reached 220 °C 
(Before) and CVs recorded after a 7 d potentiostatic film growth of EAPP = –0.2 VSCE 
(After). 
 
Summarized below are the observed peaks in the CVs, the corresponding 
electrochemical reactions that can occur in each potential region, and the influence of 
temperature on the rates of the reactions.  All observations are made as a comparison to 
the previously identified peaks at temperatures  80 °C, Chapter 3. 
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8.3.1.1 Anodic Peak A1 
According to the electrochemical equilibrium potential diagram at a potential in 
Ox I the oxidation of Fe
0
 to Fe
II
 species (FeO/Fe(OH)2) and further to a mixed Fe
II
/Fe
III
 
oxide (Fe3O4) is possible, resulting in the anodic current peak A1 in region Ox I.  Under 
mildly basic pH the rate of deposition of the nearly insoluble Fe3O4-like oxide is fast 
relative to the Fe
II
 dissolution, leading to formation of a uniform layer of the inverse 
spinel oxide.  
Previously seen, at temperatures  70 °C the Fe3O4-like layer thickened 
significantly upon cycling due to the thermally promoted oxidation of Fe(OH)2 to Fe3O4.  
With a thicker oxide layer, the charge transport from the metal/oxide interface to the 
oxide/water interface is slower and it becomes a contributing factor in determining the 
rate of electrochemical oxidation.  This can be observed in the CVs recorded as a 
function of scan cycle, Figure 8.5, in which peak A1 decreased as scan cycle number 
increased due to a continued thickening of the Fe3O4 layer over the course of the CV. 
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Figure 8.5: CV recorded at 220 °C at a scan rate of 5 mVs–1.  The CV was recorded 
immediately after the system reached 220 °C. 
 
 
After the second cycle, peak A1 had a slight decrease in current density as 
function of scan cycle number, Figure 8.5.  Once the surface is covered with a uniform 
Fe3O4-like layer, dissolution of iron occurs at the oxide/water interface and involves 
surface hydration of Fe
II
 and Fe
III
 followed by diffusion of the hydrated species away 
from the interface into the bulk aqueous phase.  The current density of peak A1 generally 
increased with an increase in temperature (under identical experimental conditions) and 
this can be attributed to an increase in hydration and dissolution of Fe
II
 (and Fe
III
 to a 
smaller extent) from the Fe3O4 surface. 
A previously observed peak A2 and its corresponding cathodic peak C3 was not 
detected in any recorded CVs.  Peak A2 was attributed to the oxidation of surface 
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increased current density of peak A1 would limit the detection of peak A2.  There is also 
the possibility that an increased consumption of Fe(OH)2 via the Schikorr reaction would 
limit the oxidation of Fe(OH)2 to other surface hydroxides. 
The conversion of the Fe
II
 and the Fe
II
/Fe
III
 species to -FeOOH or -Fe2O3 is 
also thermodynamically possible in region Ox I.  However, the conversion requires a 
significant change in the oxide phase structure [4] and hence, is not kinetically favoured 
during the CV scans. 
 
8.3.1.2 Anodic Peaks A3’ and A3/Cathodic Peaks C1 and C2 
 Room temperature studies have shown that the anodic peaks A3’ and A3 on the 
forward scan are associated with two cathodic peaks C2 and C1, respectively, observed 
on the reverse scan .  Peak A3’ labels the sharp current peak at the more negative 
potential while A3 is the broader peak at a more positive potential (Chapter 3).  The 
sharper peak A3’, coupled with the smaller reduction peak C2 at –0.7 VSCE, is attributed 
to the anodic conversion of the surface layer of the Fe3O4 phase.   The broader peak A3 is 
attributed to the oxidative conversion of Fe3O4 to a -Fe2O3 phase via charge transport 
through the solid phase.  While the anodic peak A3’ and its corresponding cathodic peak 
C2 became negligible at temperatures > 70 °C, peak A3 broadened significantly with 
increasing temperature.  For the current studies, peak A3 continued to be a broad peak 
and A3’ was not visible.  As temperature increases, the underlying Fe3O4 layer thickens.  
The proposed solid-state oxidation method of Fe
II
 to Fe
III
 conversion will depend on the 
thickness of the inner Fe3O4-like layer that has been formed prior to the oxidation to 
-Fe2O3.  Thus, the net rate of charge transport will also be a function of temperature 
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since it will depend on the concentrations of Fe
II
 and Fe
III
 and their distribution within the 
oxide lattice.  The slower oxidation process leads to a broadening of peak A3.   
 Only in the case of the CV recorded at 280 °C in the flow cell after a 6 h 
potentiostatic experiment was a separation of peaks observed, Figure 8.6.  Also, only in 
this case was the reduction peak C2 visible.  As the number of scan cycles increased there 
was less of a distinction between two peaks and the cathodic peak C2 was no longer 
visible. 
 
Figure 8.6: (a) First and (b) third cycles of CVs recorded at a scan rate of 5 mVs–1 in the 
flow system.  The CVs at both temperatures were recorded after a 6 h potentiostatic film 
growth of EAPP = –0.2 VSCE. 
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 For each CV cycle it appears that a sharper appearance of peak A1 leads to a 
sharper appearance of A3, providing further evidence of the relation between peak A1 
(oxidation to Fe3O4) and peak A3 (oxidation of Fe3O4 to -Fe2O3)    
 
8.3.1.3 Anodic Peak A4 
Peak A4 is associated with the broad anodic region above –0.1 VSCE that has a 
relatively constant current with potential.  The effect of temperature on the current is 
difficult to discern due to the large contribution of peak A3.  Previously, this potential 
region has been attributed to the anodic conversion of the -Fe2O3-like layer 
(Fe3O4/γ-Fe2O3) to γ-FeOOH.  This oxidation process has been observed to induce 
structural changes and micro-fractures in the oxide [5].  Peak A4 continued to be a region 
of mostly constant current with potential and the current density of peak A4 increased 
with an increase in temperature under identical experimental conditions.  In the case of 
CVs recorded at 220 °C a distinguishable peak was present above 0.0 VSCE in the first 
cycle, but was not evident on subsequent cycles, suggesting it is either the oxidation of a 
surface species that is no longer present on subsequent cycles, or is limited as the oxide 
changes (thickens) in subsequent cycles. 
 
8.3.2 Current Behaviour During Potentiostatic Film Growth and EIS Analysis 
The film growth and conversion as a function of temperature was further 
investigated under potentiostatic conditions.  Three potentials, one from each potential 
region, were investigated.  While applying a potential the current was monitored as a 
function of time, Figure 8.7.  During polarization, EIS was performed periodically to 
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characterize the oxide film present on the electrode.  The current behaviour is discussed 
first.  Experiments were performed in both the static cell and flow cell and their 
behaviour is compared.  All experiments were performed from a freshly polished 
electrode that was cathodically cleaned at –1.1 VSCE followed by polarization.  
Polarization and heating began at the same time. 
 Similar to previous studies (Chapter 3), at all temperatures and all applied 
potentials, the current observed was initially high at ~ 1 mA·cm
–2
 and remained at that 
level for a few seconds.  The most likely cause for the high initial current is significant 
oxidative dissolution from the freshly polished surface.  
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Figure 8.7: Log current vs. log time during potentiostatic film growth in the (a-c) static 
cell and (d-f) flow cell.  Film growth was recorded at (a,d) –0.7 VSCE, (b,e) –0.2 VSCE, 
and (c,f) 0.2 VSCE. 
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8.3.2.1 Current Behaviour in Ox I 
 In the static cell and for all temperatures studied, the initially anodic current 
switched signs, becoming cathodic at 500 to 700 s.  Therefore, the switch to a cathodic 
current occurred during the heating process.  The cathodic current quickly reached a 
steady-state value and remained constant at approximately 10
–5
 A·cm
–2
.  Similar 
observations were observed at temperatures  80 °C.  The cathodic current is attributed to 
the fact that Fe3O4 is conducting and, hence, its formation on carbon steel can continually 
support water reduction to H2.  The cathodic current due to water reduction was present 
from the early stages of potentiostatic film growth on carbon steel.  However, as the 
oxide thickened and the anodic current decreased, the cathodic current from water 
reduction on the conducting surface dominated the current behaviour at longer times.  In 
the flow cell the switch to cathodic current occurred at 200 to 240 s and remained 
constant at approximately at 10
–5
 A·cm
–2
.  The introduction of a flowing solution would 
not affect the reduction of water since it is readily available and therefore a similar 
cathodic current would be expected in both systems. 
 At 100 °C, similar to the previous studies, the current remained cathodic for the 
duration of the experiment, however at 150 °C and 220 °C changes in the measured 
current occurred over periods of prolonged polarization.  At 220 °C the current switched 
back to anodic at roughly 10
5
 s and remained constant at approximately 10
–6
 A·cm
–2
 for 
the remainder of the experiment.  At 150 °C the current began to decrease near the end of 
the experiment, suggesting that if the cathodic current is constant the anodic current is 
increasing.  In the flow cell, the current switched back to anodic at 5000 s and 1000 s at 
200 °C and 280 °C respectively.  Since the measured current is a net current, it has 
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contributions from the reduction process (water reduction) and oxidation process (Fe and 
Fe(OH)2 oxidation to Fe3O4, accelerated by dissolution).  As temperature is increased, the 
dissolution is increased (Figure 8.2), explaining the switch to a net anodic current at 
earlier times with higher temperatures in both systems (Figure 8.7a) and the larger final 
net current at 280 °C compared to 200 °C.  In a flowing solution, the loss of hydrolyzed 
iron species from the electrode surface to the bulk solution would be accelerated, thus 
accelerating the anodic process, explaining the switch to a net anodic current at times two 
orders of magnitude earlier than in the static cell.  Since the final net anodic current was 
similar in magnitude (Figure 8.7f), or lower in magnitude (Figure 8.7a), than the net 
cathodic current, the cathodic and anodic processes must have been occurring at similar 
rates.  This may explain some of the fluctuations in the net current observed in the flow 
cell, since periodic fluctuations of the dissolution of surface hydrated species could occur. 
 The switch from anodic to cathodic current was not observed at the higher 
potentials where the current remained anodic the potentiostatic growth. 
 
8.3.2.2 Current Behaviour in Ox II 
 In the static cell, within the first 10
3
 s the current decreased linearly with time, 
similar to what was observed at temperatures  80 °C.  After 103 s, large variations in the 
anodic current as a function of temperature were seen.  This was similarly observed 
previously, where at 50 °C and 70 °C, the current became nearly constant over the period 
of time around 10
3
 s, before it decreased linearly with time again.  This behaviour was 
attributed to an increase in the rate of dissolution of Fe
II
 from the conducting Fe3O4 layer.  
In the static cell, only a slight change in slope occurred at 100 °C, the current remained 
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constant between 10
3
 and 10
4
 s at 150 °C, and the current increased an order of 
magnitude between 10
3
 and 10
4
 s at 200 °C and 220 °C.  The increase in current as a 
function of temperature due to dissolution would be expected.  As the oxidation 
continued, the conversion of the Fe3O4 oxide layer to a more insulating -Fe2O3 layer 
reduces the rate of dissolution of Fe
II
 species from the oxide layer and thus suppresses 
electrochemical oxidation.  This explains the further drop in current after 10
4
 s at all 
temperatures.  As the conversion takes place, the anodic current decreases with time until 
the anodic current is limited by the dissolution current and becomes constant.  In the flow 
cell, at 200 °C and 280 °C, the behaviour of the anodic current was similar to that 
observed in the static cell at 200 °C and 280 °C.  The current both increased as a function 
of temperature and was larger than that observed in the static cell.  As in the case of Ox I, 
a flowing system would be expected to increase the rate of dissolution of surface 
hydrolyzed species, thus the resulting current would be accelerated by dissolution.  Since 
the flow cell experiments were limited to times of roughly 6 h (~2x10
–4
 s), it is unclear as 
to what extent the anodic current would decrease due to the conversion of some of the 
Fe3O4 oxide layer to a more insulating -Fe2O3 layer.  For both temperatures the current 
was decreasing as a function of time when the experiment was stopped.  In the flow cell, 
after the period of increased current due to dissolution, the current did decrease as well, 
however the decrease was less steep than in the static cell.   
 
8.3.2.3 Current Behaviour in Ox III 
As was previously observed, an initial linear decrease in the current was observed, 
which is attributed to the oxidation of the base Fe
0
 to Fe3O4.  At temperatures  80 °C, 
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the linear decrease continued until the end of the experiment for all temperatures.  In the 
static cell, larger variations were seen as a function of temperature.  Firstly, at 
temperatures  200 °C a number of sharp spikes in current were observed, which 
disappeared as time progressed, and the systems reached steady-state temperatures.  
Spikes in the anodic current during polarization in Ox III have previously been observed 
at room temperature [1].  The behaviour of the current was attributed to micro-fracture of 
the protective oxide layer due to the anodic conversion of the Fe3O4/γ-Fe2O3 oxide to 
γ-FeOOH, followed by repassivation of the film.  The lack of spikes in current during 
prolonged oxidation agrees with the CVs at 220 °C which had a distinguishable peak in 
Ox III only in the first cycle, Figure 8.5.  During subsequent cycles and likely growth of 
the underlying Fe3O4, the clear peak was no longer distinguishable.   
At 100 °C and 150 °C the current continued to decrease as a function of time, 
however, at a shallower slope than that in the first 10
3
 s.  At 200 °C and 220 °C an 
increase in current, similar to what was observed in Ox II at the same temperatures, was 
observed.  The increase in current is also likely due to the increased rate of dissolution as 
a function of temperature.  At 200 °C, the increase in current at ~10
3
 s was followed by a 
decrease in current, as was observed at 200 °C and 220 °C in Ox II.  At 220 °C, the 
current only had a slight decrease after the increase due to dissolution, and remained 
relatively constant over the remainder of the measurement. 
In the flow cell, the current also had an increase, followed by a period of 
relatively constant current over the remainder of the measurement.  The current was 
larger under the flow cell, as compared to the static cell, due to the increased dissolution 
rate. 
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8.3.2.4 Temperature Dependence of Steady-State Current 
Since at steady state the rate of metal oxidation is equal to the rate of dissolution 
of metal ions, the steady-state current represents the dissolution rate of metal ions from 
the surface oxide.  The steady-state currents observed (including those obtained in 
Chapter 3) at 0.2 VSCE and –0.2 VSCE show Arrhenius temperature dependences, 
Figure 8.8.  At these two potentials the steady-state current increased nearly 
exponentially as 1/T decreases.  At –0.7 VSCE an Arrhenius dependence was not observed 
because the steady-state current observed at –0.7 VSCE is mainly due to the measured 
water reduction at most temperatures.  Various regions of the temperature dependence of 
the steady-state current at –0.2 VSCE and 0.2 VSCE can be observed.  At temperatures        
< 80 °C, a steeper slope (or higher activation energy) is present for the 0.2 VSCE case 
compared to –0.2 VSCE.  In these cases, where the oxides are relatively thin (Chapter 3) 
the slight increase in surface Fe
III
 oxides (-FeOOH) at 0.2 VSCE would have a higher 
activation energy for hydration and dissolution.  At temperatures > 100 °C there is a loss 
of a linear Arrhenius temperature dependence, suggesting that the measured steady-state 
current is simply limited by diffusion (mass transport) of the hydrated species from the 
surface.  The steady-state currents from the flow cell, which would lessen mass transport 
effects, show a linear behaviour with the measured steady-state currents in the static cell 
at lower temperatures.  There is no difference in the Arrhenius slope (activation energy) 
between the two applied potential cases.  This would be expected, since similar oxides, 
particularly composed of surface Fe
III
 oxides, would require similar surface hydration 
energies.  The calculated activation energies are approximately 80 kJ/mol, which agrees 
well with previously reported dissolution activation energies of various Fe
III
 oxides [6].    
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Figure 8.8: Arrhenius plot of measured steady state currents for 0.2 VSCE and –0.2 VSCE. 
 
 
8.3.3 Oxide Film Characterization by EIS and Surface Analysis 
Periodically, EIS was performed to characterize the oxide film present on the 
electrode.  As the static cell is not an equivalent ideal electrochemical cell design as used 
at temperatures  80 °C, EIS analysis is limited.  In the static cell, the 220 °C samples 
were removed for Raman analysis.  Since the Raman analysis was performed ex-situ, the 
samples were removed after the system was cooled to a safe handling temperature and the 
system was depressurized.  Once removed from the static cell, samples were rinsed with 
deionized water, dried under an argon gas flow, and stored under vacuum until Raman 
analysis was performed.  The effects of the removal process and the potential 
introduction of oxygen at temperatures above room temperature are discussed. 
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Figure 8.9: Electrochemical impedance spectra for the films grown at (a) –0.7 VSCE, (b) 
–0.2 VSCE, and (c) 0.2 VSCE as a function of temperature after 70 h of film growth.  The 
equivalent circuit (d) that was fit to all data is shown. 
 
 
8.3.3.1 Film Grown in Ox I 
 A circuit composed of a solution resistance, and a parallel resistor and CPE was 
fit to all experimental data, Figure 8.9d.  The fitting results of resistance and capacitance 
are show in Figure 8.10.  Following the same assumptions made at temperatures  80 °C, 
the spatial inhomogeneity distribution developed by Brug et al. [7] was used to convert 
CPE to capacitance values.  As observed at temperatures  80 °C, large capacitance 
values were measured, which increased with increasing temperature.  The observed 
capacitance increase is attributed to a pseudo capacitance, resulting from electron transfer 
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between surface cations (Fe
II
/Fe
III
) coupled to processes such as transfer or 
adsorption/desorption of protons (O
2–↔OH–) at the interface [8-10].  The origin of a 
pseudo capacitance depends on the system, but is generally accepted to arise from 
electron transfer between cation sites coupled with charge transfer to adsorbed or aqueous 
species.  The additive effect of a faradaic process at the oxide/solution interface inducing 
a pseudo capacitance appears to still be present at temperatures  100 °C.   
 
 
Figure 8.10: Equivalent circuit fitting results for the resistance and capacitance for 
potentiostatic film growth at –0.7 VSCE. 
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 On top of the temperature effects on the faradaic process, the increase in 
dissolution may contribute to an increase in surface roughness.  Since capacitance is 
proportional to surface area and resistance is inversely proportional to surface area [11], 
an increase in surface area would add to the observed trends [12].  At all temperatures the 
resistance was initially low, before increasing, and becoming an approximately constant 
value after 40 h.  This suggests an initially reactive surface, with minimal charge transfer 
resistance that steadies to a constant value as oxide growth progresses.  
Raman spectroscopy was performed on the 220 °C samples.  Comparison to 
standard iron oxide minerals, (Figure 8.11) shows that the oxide was Fe3O4, with a main 
characteristic peak at 670 cm
–1
, Figure 8.12a [13, 14].  The surface shows some 
roughness, but is relatively uniform on the macroscopic scale, Figure 8.12.  From the 
Raman, EIS, and above potentiostatic analysis, it can be summarized that over the 
temperatures studied, in Ox I, the oxidation process is dominated by the formation a 
relatively electronically conductive layer of Fe3O4, which has accelerated dissolution as 
temperature increases.  
 
 
Figure 8.11: Raman spectra of reference iron oxide minerals. 
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Figure 8.12: Raman spectra and SEM micrographs of samples removed after film growth 
at 220 °C and potentials of (a) –0.7 VSCE, (b) –0.2 VSCE, and (c) 0.2 VSCE. 
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8.3.3.2 Film Grown in Ox II 
 For the 100 °C and 150 °C experiments, a single RC circuit, Figure 8.9d, could be 
fit to the data.  The fitting results of resistance and capacitance are show in Figure 8.13.  
Following the same assumptions made at temperatures  80 °C, the depth time constant 
distribution developed by Hsu and Mansfeld [15, 16] was used to convert CPE to 
capacitance values, assuming the impedance was resulting from a distribution within the 
depth of the oxide layer.  The results show a steady increase in resistance in the first 20 h.  
The resistance at 100 °C was approximately twice as large as the resistance at 150 °C.  
The capacitance was much larger at 150 °C, and had a slight decrease with time, after an 
initial increase in the first 20 h, while the resistance had a slight increase with time after 
the initial transition.  Over time, the increase in resistance, coupled with a decrease in 
capacitance is attributed to oxide film thickening.  At 100 °C the capacitance was 
constant.  The overall decrease in resistance and increase in capacitance from 100 °C to 
150 °C suggest the formation of an increasingly defective oxide as temperature is 
increased [17].  As discussed in section 8.3.3.1, an increased surface roughness due to 
dissolution may also contribute to the observed trends.  Additionally as discussed with 
the current behaviour, an increase in dissolution is expected with increasing temperature.  
Therefore at a single potential, if the dissolution is high and larger than the effects of 
temperature promoting the formation of Fe3O4, the oxide film would become thinner.  
This would also give the observed trends of lower resistance and higher capacitance as 
temperature increased.  Above 150 °C a change in the EIS spectra occurred; however, 
due to the onset at the lowest frequency measured, this change could not be completely 
characterized.  One possibility of an additional RC may be due to the increased 
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broadening of peak A3 with temperature, Figure 8.2, and the system may have been at a 
transition between Fe3O4 and -Fe2O3. 
 
Figure 8.13: Equivalent circuit fitting results for the resistance and capacitance for 
potentiostatic film growth at –0.2 VSCE. 
 
 
The SEM micrograph of the surface shows a relatively uniform and compact 
structure.  The Raman spectra of the sample removed after heating to 150 °C showed 
clear peaks at 1315 cm
–1
, 670 cm
–1
, 610 cm
–1
, 410 cm
–1
, 293 cm
–1
, and 222 cm
–1
, Figure 
8.12b.  The peak at 670 cm
–1
 is the main characteristic peak of Fe3O4 [13, 14], and the 
other peaks are all characteristic of hematite (-Fe2O3), Figure 8.11  .  Under the 
conditions studied, of a borate solution at pH 10.6, -Fe2O3 has only been observed in the 
presence of an O2 containing cover gas (Chapter 6).  Therefore, it is likely that the 
introduction of O2 during the sample removal led to the oxidation or conversion of 
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species to -Fe2O3.  Since -Fe2O3 was not observed in Ox I, it is not likely that the 
formation of -Fe2O3 came from the oxidation of Fe3O4.  Rather, it is possible that the 
introduction of oxygen led to a thermodynamic conversion of a species present in Ox II.  
It is likely that -Fe2O3, which is believed to be present in Ox II, converted to -Fe2O3.  
Studies of the Raman spectra of Fe-Ni-Cr alloys have shown that with the introduction of 
large enough concentrations of O2, -M2O3 oxides disappear, while M3O4 and -M2O3 
remain (M represents any of the metallic species) [18].  The conversion of -Fe2O3 to 
-Fe2O3 is thermodynamically favourable [4], although -Fe2O3 has been shown to be 
stable at temperatures > 300 °C [19], and the conversion has been shown to increase with 
increasing surface hydration [20].  Therefore, although the sample was removed as 
quickly as possible, the oxygen ingress during system depressurization likely resulted in 
the conversion of -Fe2O3 to -Fe2O3.  The high intensity of the Fe3O4 670 cm
–1
 peak 
relative to the -Fe2O3 610 cm
–1
 peak suggests that there is at least 2-3 times more Fe3O4 
than -Fe2O3 on the surface due to the differing Raman scattering probabilities [21].  The 
relative ratio of the -Fe2O3 610 cm
–1
 peak to the lower wavenumber peaks also suggests 
that it is not a pure -Fe2O3 phase, rather a transitional hydrated -Fe2O3-like phase [21]. 
  
8.3.3.3 Film Grown in Ox III 
For all temperatures the circuit in Figure 8.9d could be fit to the data.  The fitting 
results of resistance and capacitance are show in Figure 8.14.  Following the same 
assumptions made at temperatures  80 °C, the depth time constant distribution 
developed by Hsu and Mansfeld was used to convert CPE to capacitance values [15, 16], 
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assuming the impedance was resulting from a distribution within the depth of the oxide 
layer.  The CPE  values at 220 °C decreased from 0.8 to 0.75 during the experiment and 
therefore conversion of CPE to capacitance was not performed.  The results show an 
increase in resistance with time for all temperatures, with the larger changes occurring at 
the lower temperatures, likely resulting from oxide film thickening.  Similar to Ox II, 
there was a decrease in resistance and increase in capacitance as the temperature 
increased, which like in Ox II, could be the result of an increase of defects within the 
oxide structure, along with increased dissolution.  As in the case of the other two 
oxidation regions, an increased surface roughness may also contribute to the observed 
trends.   Most interestingly, there was no clear evidence of a diffusion related process, as 
was observed between 50 °C and 80 °C.  The diffusion process was attributed to a micro-
fracture mechanism resulting from the oxidation of Fe3O4 to -FeOOH.  During the initial 
heating and film growth process, spikes in the measured current were observed, Figure 
8.7c, which could be attributed to the micro-fracture process; however, they were not 
present during the prolonged polarization, when EIS analysis was performed.  It appears 
as though the thickening of the underlying Fe3O4 layer is limiting the effects of any film 
micro-fracture, which is likely occurring near the oxide/solution interface. 
As temperature is increased the relative surface coverage of -Fe2O3 may be 
limited, resulting in exposed magnetite to undergo further oxidation to FeOOH.  At the 
higher temperatures, the alpha phase may begin to form preferentially.  This would result 
in both an increase in surface area and some changes in the oxide structure, explaining 
the changes in resistance capacitance with temperature.  There is evidence that an 
additional oxide phase formed at the oxide/solution interface at 220 °C, Figure 8.12, 
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however, the Raman spectra only clearly showed the presence of Fe3O4 and -Fe2O3.  
For similar reasons described for -Fe2O3, some surface FeOOH may have been 
converted to -Fe2O3 [20].  As discussed in section 8.3.3.2 the observed phase is likely a 
transitional hydrated Fe
III
 phase. 
 
Figure 8.14: Equivalent circuit fitting results for the resistance and capacitance for 
potentiostatic film growth at 0.2 VSCE. 
 
 
8.4 CONCLUSIONS 
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increase in potential can result in some oxidation of Fe3O4, most likely to a mixed 
Fe3O4/-Fe2O3-like structure at the oxide/solution interface.  The mixed Fe3O4/-Fe2O3 
oxide had a decrease in resistance as temperature increased; however, no oxide 
breakdown occurred.  The formation of previously observed oxyhydroxides was largely 
not observed.  Over the entire potential window studied, this study further concludes that 
temperature affects the oxide growth mainly by influencing the rates of thermal 
processes, and most specifically, dissolution rates. 
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Chapter 9 
Summary and Future Work 
 
9.1 SUMMARY 
 This thesis examined the mechanism of carbon steel corrosion and the effects of gamma 
radiation on the corrosion process.  To electrochemically characterize the oxidation process, 
surface oxide film growth and conversion on carbon steel in deaerated solutions at pH 10.6 was 
studied as a function of potential and temperature under both potentiostatic and potentiodynamic 
conditions.  From the perspective of oxide film growth and conversion, the behaviour as a 
function of potential can be divided into three potential regions.  In region Ox I, a uniform layer 
of a Fe3O4-like inverse spinel oxide is formed that grows by a solid state charge transport 
mechanism.  Iron dissolution occurs via hydration of Fe
II
 (and Fe
III
 to a smaller extent) at the 
oxide/water interface followed by diffusion of the hydrated species from the interface to the 
aqueous phase.  The dissolution rate increases with temperature, but at temperatures > 70 °C, the 
Schikorr reaction accelerates the conversion of the hydrated species to Fe3O4.  A balance 
between increased dissolution rates and increased Fe3O4 formation rate was seen as the corrosion 
temperature was increased from 25 °C to 280 °C.  In Ox II, the Fe3O4 layer continues to grow, 
but the potential is high enough to convert the Fe3O4-like layer to a more γ-Fe2O3-like layer.  The 
oxide growth and conversion in this region also occurs by a solid-state charge transport 
mechanism.  As the concentration of Fe
II
 decreases due to further oxidation to Fe
III
 near the 
oxide/water interface, the rate of iron dissolution is greatly suppressed and the oxide becomes 
more insulating.  In this region, thickening of the oxide layer is limited by the anodic conversion 
of the more conducting Fe3O4 phase to the more insulating γ-Fe2O3 phase.  As in Ox I, increasing 
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temperature promotes both the rate of formation of Fe3O4 and the rates of oxide dissolution.  In 
Ox III anodic conversion of the Fe3O4/γ-Fe2O3 oxide to γ-FeOOH can induce micro-fractures, 
but, in the absence of aggressive anions, the surface quickly repassivates.  The oxide layer can 
grow by continuous film fracture and repassivation, producing a thick but defective (or porous) 
oxide film.  The oxidation to γ-FeOOH is suppressed at temperatures > 100 °C. 
The effects of -irradiation and the presence of H2O2 on carbon steel corrosion at pH 10.6 
and room temperature were investigated through electrochemical analysis.  Both ECORR and RP 
behaviour under irradiation conditions could be simulated by use of a test solution containing 
H2O2, indicating that H2O2 is the key radiolysis product controlling carbon steel corrosion.  Both 
the steady-state ECORR and RP are strong functions of [H2O2], but they are nearly independent of 
the initial oxide film composition.  The dependence of the ECORR and RP behaviour on [H2O2] 
showed two distinct ranges.  For [H2O2] < 10
3
 M, ECORR is determined mainly by the cathodic 
half-reactions of H2O2 that yield OH

, coupled with the anodic half-reactions of the oxide-
covered steel surface.  This results in oxidation to form a graded Fe3O4/ γ-Fe2O3 oxide film.  For 
[H2O2]  10
3
 M, ECORR is determined primarily by the cathodic half-reactions of H2O2, coupled 
with the anodic half-reactions of H2O2. 
 Surface analyses of carbon steel coupons corroded 80 °C and 150 °C found that the 
chemical and phase composition of the oxide formed under deaerated conditions is Fe3O4 and 
hydrated Fe
II
 and Fe
III
 species adsorbed on the Fe3O4 surface.  Variation in the corrosion 
temperature and solution pH may affect the rates of oxide film growth and dissolution, but they 
do not play a significant role in determining the chemical composition of the oxide film.  At near 
neutral pH significant dissolution of the growing oxide film results in a porous and less uniform 
and protective oxide than the films grown at more basic pHs.  Electrolyte concentration also has 
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significant effects on film growth and dissolution.  An increase in electrolyte concentration can 
increase the rates of iron dissolution from the oxide/solution interface, and this, in turn, affects 
the rates of solid-state oxide growth and the rate of approach of the system to steady state.  To 
further understand the role of solution ionic strength on the corrosion process the test matrix will 
have to be expanded to include a larger variation of electrolyte concentration at a single pH.  
This research has also shown that the concentration of dissolved Fe
2+
 can affect the relative 
dissolution and oxidation rates of hydrated ferrous hydroxides.  The role of dissolved Fe
2+
 was 
highly dependent on the potential on the carbon steel surface, since this potential determined the 
nature of the thermodynamically favourable oxidation process. 
 When the effects of system irradiation were isolated in coupon studies, it was found that 
irradiation affects the oxide growth mechanism in all conditions tested.  In situations of limited 
passivation, such as corrosion of a bare metal surface, or in solutions with neutral or acidic pH, 
irradiation can enhance the rate of iron corrosion.  When a passive film begins to form, the 
irradiation can lead to some increased passivation (by promoting Fe
II
 oxidation to Fe
III
) and this 
can limit further corrosion.  Due to the oxidation mechanism of Fe3O4, which was studied as a 
function of temperature electrochemically, oxidation of Fe
II
 to Fe
III
 does not lead to changes in 
the oxide structure.  Rather, the oxidation results in a graded distribution of Fe
II
 and Fe
III
 in the 
corrosion film, with more Fe
II
 near the metal/oxide interface and more Fe
III
 at the oxide/water 
interface.  However, the extent of oxidation at elevated temperatures was somewhat reduced 
compared to room temperature because the increase in the net metal oxidation rate with 
increased temperature also led to an increase in the net dissolution rate. 
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9.2 FUTURE WORK 
 This research has added to our understanding of the oxidation mechanism on carbon steel 
and the influence of gamma irradiation on the corrosion process.  While the combination of 
results from separate electrochemical and surface analytical studies has been useful in 
elucidating the oxidation mechanism at elevated temperatures under gamma radiation, it would 
be desirable to look at integrated in-situ electrochemical studies in a radiation field at elevated 
temperatures.  Due to the constraints of a gammacell, this type of experiment is a challenge and 
it requires the development of a small volume electrochemical pressure vessel with 
microelectrodes.  As shown in this work, the initial metal corrosion and oxide growth period 
would be best characterized using in-situ electrochemical studies.  Future work should also, 
extend our understanding of how dissolved Fe
2+
affects oxide film formation under irradiation 
and at elevated temperatures. 
 Under the conditions studied, the key water radiolysis product that affects the corrosion 
process is hydrogen peroxide.  The steady-state concentrations of water radiolysis products like 
H2O2 have a square root dependence on the radiation dose rate.  The work presented in Chapter 4 
on tests with varying concentrations of peroxide present, were in a way, a simulation of the effect 
of varying the dose rate.  These experiments however, are an imperfect simulation of irradiation.  
They neglected the impact of other water radiolysis products and were limited to room 
temperature studies.  At higher temperatures peroxide decomposition and the formation of O2 by 
radiolysis may be more important.  Studies on the effect of varying the radiation dose rate at 
elevated temperatures will unfortunately require access to radiation sources of different strengths 
as the limited volume in a gammacell precludes the use of lead shielding to vary the dose to the 
experimental vessel. 
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 Radiation-assisted carbon steel corrosion is a topic of real interest in studies of options 
for used nuclear fuel disposal.  Many disposal options include periods in which a carbon steel 
container would not be in contact with water, but would instead be exposed to air and 
undergoing gas-phase corrosion (either aerobic or anaerobic).  Gas phase corrosion of carbon 
steel in an irradiation field is not well understood.  We have performed some preliminary 
experiments in which carbon steel coupons were located in the gas phase, above a solution. 
Limited characterization of the corroded coupons has found the gas-phase corrosion process to 
be dominated by reactions associated with isolated water droplets on the carbon steel surface.  
The results were not sufficient to extract the effect that irradiation plays on that process.  Further 
work is required, particularly to determine the function of humidity and to understand the 
localized corrosion process where the concentrations of radiolysis products in very small 
volumes of water may differ from those achieved in larger scale solutions. 
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